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ABSTRACT
Spectrophotometric studies at temperatures between 28 8K and 
473K in aqueous solution have been undertaken to determine the 
association constants for 2-, 3- and 4-nitrobenzoate, 
4-chlorophenolate, 4-bromophenolate ions with hydrogen ion.
Both association constants with hydrogen ion have been 
determined in each case for o-phthalic acid, nicotinic acid^and 
picolinic acidt For 8-hydroxyquinoline the effect of 
temperature on the protonation of the anion was studied and 
previous work on the protonation of the heterocylic nitrogen 
atom was extended to higher temperatures. Conditions of 
constant ionic strength were employed.
Non-linear plots of pK^ against reciprocal temperature were 
found for 3-nitrobenzoic acid, 4-nitrobenzoic acid, o-phthalic 
acid (both stages of association), 8-hydroxyquinoline (both 
steps) and 4-bromophenol; linear relationships were found for 
2-nitrobenzoic acid, nicotinic acid* and 4-chlorophenol within 
the estimated experimental error and over the experimental and 
temperature range. The changes in standard enthalpy, entropy, 
Gibbs free energy and heat capacity for each reaction (except 
picolinic acid) have been calculated based on results from a 
wider temperature range than previously available.
(iii)
In addition, the association constants for the first copper 
(Il)-chloro, iron (III)-chloro, and iron(III)-sulphat® complexes 
have been measured at temperatures up to 363K in the first case 
and 348K in the last two. Spectrophotometric techniques were 
used as were constant ionic strength conditions except for the 
iron(III)-sulphato complex. A criticism of the commonly-used 
method for determining the constants is offered.
Finally, a vapour equilibration cell was designed and used 
to determine the equilibrium constant for the formation of 
triiodide anion from iodine and iodide ion between 313K and 
46OK; for comparison the system was studied using the same 
spectrophotometric technique employed for the transition metal 
complexes.
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C H A P T E R  1
INTRODUCTION
Throughout this thesis the following definitions are used with
respect to equilibria:
AG, Ah , As , AC energy changes based on log^^ K uncorrected by
^ activity coefficients
AG°, AH°, AS°, Ac ° energy changes based on corrected log K using
activity coefficients
pK^, pK^ defined in the conventional sense with respect
to dissociation reactions
K^, refer to stepwise association constants and are
related to pK^, pKj^  through
= P\ ! K, = pK, jf '
3^ an overall stability constant.
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1.1. INTRODUCTION
In recent years there has been an upsurge of interest in 
the properties of water and aqueous solutions at high 
temperatures. The impetus for such studies is broad, and there 
is a range of interests extending from geological simulation and 
mining at one extreme to the theoretical models of solutions at 
the other.
Processes occurring in aqueous solutions at high 
temperatures up to the critical point of water
(T^647.3K; P^ 2.322 x lO^kNm ^) are of considerable interest to 
the Central Electricity Generating Board (C.E.G.B.). The two 
areas of particular interest are the prevention of boiler and 
water circuit corrosion and the cleaning and descaling of 
boilers and superheaters. Additionally, and of considerable 
importance with respect to the introduction of the pressurised 
water reactor (PWR) into the nuclear power programme of the 
C.E.G.B., are the transport and deposition of oxides within the 
water circuit. Reliable thermodynamic data are scarce for 
systems involving transition metal ions above 4 23K and aqueous 
phase redox reactions above 373K and most currently available 
estimation procedures are unsatisfactory and often misleading in 
obtaining data from low temperature results. This is because 
the solvent properties of water change considerably between 298K 
and the critical point as the dielectric constant becomes very 
much lower, reducing its ability to stabilize highly charged
— 3 —
species and favouring reactions which lead to a reduction in 
total charge. Little can be said about interactions between 
solutions and the alloys used in circuit construction without 
data on aqueous transition metal species, but ion association, 
complex-formation with anions, hydrolysis and reduction 
reactions are examples of those which are favoured. Sometimes 
they are favoured to such an extent that species, e.g., 
transition metal-chloro c o m p l e x e s a n d  mixed complexes of 
transition metals with hydroxide and ligand which are
undetectable at 29 8K, predominate at high temperature. Turner^ 
has assessed the need for thermodynamic data in high temperature 
aqueous systems and the problems associated with predictions and 
experiments.
Corrosion of steam-generating surfaces of mild-steel boiler 
tubes is normally a very slow process because of the protective 
action of a thin film of oxide. Garnsey® has reviewed the 
chemistry and prevention. Normal power station practice is to 
run with a neutral to alkaline (pH 7 - 9.5) cooling water regime 
which is achieved by using ultra pure water or by dosing with 
ammonia or hydrazine. These methods do not halt corrosion 
completely but reduce it to a minimum and if the optimum pH 
range is not achieved then the economic penalties are large. At 
higher, localised pH 'caustic cracking’ can occur in which 
hydroxides concentrate in crevices leading to blockages and high 
localised corrosion; at lower pH acid attack occurs in which the 
protective oxide films are eaten away exposing bare metal which
_ 4 —
quickly dissolves giving rise to failure of components.
Water-cooled, nuclear reactors introduce further 
complications where, although the primary coolant containment in 
core and the fuel canning material are usually provided by 
zircalloy or other high zirconium alloy, the tubing external to 
the core is normally of stainless steel or similar alloy. The 
problem with steels is that neutron irradiation produces long 
lived, highly radioactive isotopes; this problem does not occur 
with high zirconium alloys. The corrosion of the external 
tubing allows the transport into the core of iron, nickel, 
chromium and cobalt in soluble, colloidal, or particulate form. 
After depositing on the fuel cans and following neutron 
activation the highly active isotopes, e.g., ^^Fe, G^Co, are 
transported out of the core and deposit, among other places, in 
areas where maintenance is needed, leading to expensive and 
time-consuming repairs of even small leaks because of restricted 
access. In principle the use of chelating agents on load could 
solve many important corrosion related problems and chelating 
agents of sufficient thermal stability do exist but it is not 
certain whether they are sufficiently powerful agents in a 
thermodynamic sense. The complexes formed would also need to be 
capable of being decomposed on an ion-exchange column in a 
regeneration plant. If these criteria were met then radioactive 
materials in the boiler water circuit could be removed and 
concentrated in the ion-exchange resin for disposal,
8- hydroxyquinoline appeared to be such a chelating agent? since
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it forms neutral, steam volatile complexes. The stability of 
the reagent will be discussed in this thesis (Chapter 3). The 
radiolytic stability of many organic molecules considered for 
use in nuclear power plant may prove to be their downfall.
Iodine is found in nuclear fuel and another problem is the 
release of radioisotopes of iodine, e.g., 13 I^, from failed fuel 
cans in water reactors. In boiling water reactors (BWR) the 
problem is mainly one of partition into the steam which on 
entering the turbines can expose personnel to high levels of 
V-activity. In PWR interest is mainly in the design of 
effective containment spray systems.
Descaling of boilers is normally carried out with a mixture 
of a reducing acid, such as formic or oxalic, and a complexing 
agent, e.g. ethylenediaminetetraacetic acid (EDTA), at 298K to 
353K. There is a drastic reduction in boiler water temperature 
during descaling with a consequent loss of generating capacity 
which has led to current work to find more effective cleaning 
agents. Also work is in progress to establish a method of 
cleaning austenitic stainless steels which are largely 
unaffected by the acid/complexing agent mixture due to the 
presence of nickel and chromium spinel oxides. Wood® has tried 
solutions of vanadium(II) and chromium(II) salts as reducing 
agents and found that the oxide powders dissolve in seconds, the 
dissolution being up to 10  ^ times faster than previously 
observed with the traditional cleaning chemicals. A mixture of
6 —
vanadous formate and picolinic acid has been used on a steam 
generating heavy water reactor (SGHWR) with success and further 
large scale experiments are programmed.
E.U. Franck (W.Germany) and W.L. Marshall (USA) have been 
the major contributors, outside the power industry, to studies 
on the physical and chemical properties of aqueous solutions at 
temperatures exceeding 373K. Progress in this field has only 
been appreciable over the last twenty years and the two named 
workers have both concerned themselves primarily with the 
properties of inorganic systems using conductance, solubility 
and electrochemical measurements.
Marshall 9 •'10 investigated by conductimetry and
solubility studies many electrolyte systems and has employed the 
idea of 'complete' equilibrium constants which include changes 
in the hydration of reacting species, to describe the 
temperature and pressure dependence of the association constant 
of sodium chloride and other salts over the temperature range 
273-1073K and at pressures to 4 kbar (1 bar = 105 kNm ^). The 
conclusion has been drawn from his work that the picture of 
aqueous electrolyte behaviour becomes simpler as the temperature 
increases and this has been ascribed to a breakdown of the 
hydrogen bonded structure of water at higher temperatures.
Cobble et al^i have recently confirmed these opinions.
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The physical properties of water and its role as a solvent 
at temperatures up to 8 73K and pressures to 200kbar, have been 
extensively studied by Franck and co-workers  ^^ ^  ®. Dielectric 
constant and viscosity data have been obtained and the infrared 
and Raman spectra of the 0-D vibrations of HDO have been 
recorded. It has been concluded from this work that, at 
temperatures up to 673K and densities of O.lg.cm  ^ to l.Og.cm ^, 
'considerable molecular interaction and possibly association 
must exist which may partly be caused by hydrogen bonding'.
This may seem to be in contrast to Marshall's view that hydrogen 
bonding is relatively unimportant at such temperatures but 
extensive ion-association is found in both cases. Franck's work 
to 1977 has been reviewed^
The main methods  ^® used to determine acidity constants at 
room temperature are potentiometric titration, ultraviolet 
spectrophotometry, other spectrophotometric methods such as 
nuclear magnetic resonance and vibration studies, calorimetry, 
conductivity, cryoscopic measurements, kinetic and distribution 
methods. However their use at high temperatures has not always 
been fully investigated and it is important that as many methods 
as possible be developed for such use since different methods 
may suit different systems.
Relevant work reported in the literature at temperatures of 
32 3K and above is covered in the following resume which does not 
claim to be comprehensive but gives an insight into the lack of
— 8 —
data.
Helegeson^® has derived an equation for predicting 
association constants at infinite dilution based on the 
separation of AS° and AH° into hypothetical electrostatic 
and nonelectrostatic terms based on the knowledge of AS°, AH° 
and log K at a reference temperature. It has been applied to 
organic and inorganic systems at temperatures up to 643K, and is 
applicable if log K increases or decreases as a function of
temperature and if a minimum or maximum is exhibited. A summary
of the data available in 1967 regarding the stability of 
complexes at high temperatures is to be found in the 
literature ^ ®,
One of the first equilibrium studies at temperatures 
greater than 37 3K was carried out by N o y e s i n  1910 who
conductimetrically determined the ionic product of water and the
dissociation constants of acetic acid and ammonium hydroxide at 
temperatures up to 579K. Later calorimetric work by 
Olofssonl®,!® on the ionisation of water to 573K and the 
dissociation of ammonium hydroxide to 418K and by E l l i s o n  the 
dissociation of acetic acid to 498K, showed good agreement with 
the work of Noyes. Olofsson^® used his results to calculate the 
dissociation constant for the ammonium ion to 570K. Further 
determinations of the ionisation constant for water have been 
made using conductimetry by Dobson and Thirsk®^ between 373K and 
473K; using a potentiometric method by Sweeten, Mesmer and
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Baes%2 between 273K and 573K; and using conductance measurements 
between 373K and 623K by Fisher and Barnes^®, The predicted 
results of Sweeten et al. may well be more accurate above 573K 
than the experimental results of Fisher and Barnes since the 
Debye-HÜckel theory may not give reliable extrapolations to 
infinite dilutions at temperatures where water is highly 
compressible. The Debye-Hiückel theory treats the solvent as 
incompressible and water rapidly become more compressible above 
573K, until it reaches extremely high compressibility at the 
critical point. While the work of Sweeton et al. does involve 
extrapolation to infinite dilution as well as to temperatures 
above 573K it is very encouraging to note that ACp° at 573K 
(-960JK ^mol is of the magnitude expected®. The later
conductance results of Sirota and Shviriaev^^ seem more 
consistent with the results of Sweeton, Mesmer and Baes than 
those of Fisher and Barnes.
In the inorganic field spectroscopic studies have been 
carried out by F r a n c k a n d  Rykl and L\idemann^® on the 
temperature and pressure induced changes in the co-ordination 
number of cobalt and nickel in solutions of Co(II) and Ni(II) 
chlorides. Marshall and J o n e s h a v e  made solubility 
measurements of calcium sulphate in sulphuric acid between 298K 
and 623K to calculate the dissociation constant of the 
bisulphate ion and it is their conclusion that the system 
becomes less complicated at higher temperatures. The
- 10
complexation of magnesium, zinc, cadmium, copper and uranyl ions 
with sulphate and hydroxide ions has been conductimetrically 
investigated by Nikolaeva^? at temperatures up to 363K and 
pH-metrically to 423K. Nikolaeva^® has also carried 
potentiometric studies to 423K on the iron(III)-chloro, 
iron(III)-bromo and iron(III)-sulphato complexes, A summary of 
systems studied to 616K was reported by Cohen®^ in 1970.
Eguchi, Adachi and Yoneda®^ have investigated the formation of 
the triiodide ion from iodine and iodide to 353K using partition 
methods. Studies of the transition metals from which boiler 
water circuits are made have been made by Swaddle and 
co-workers: chromium(III) chemistry to 713K®®; stabilities of 
aqueous solutions of typical salts of manganese(III), iron(II), 
cobalt(II), cobalt(III), nickel(II) and copper(II) to 573K®^; 
and formation of (where M is cobalt, manganese, nickel,
zinc, magnesium, calcium or copper)®®. They have also studied 
species of more direct relevance to laboratory studies; thermal 
decomposition of perchloric acid at 568-595K®®; thermal
in acidic aqueous solution todecomposition of ^Co(NHg)g 
423K®?; and the use of trifluoromethane-sulphate anion as a 
powerful reducing agent at high temperatures®®. Swaddle®® has 
also reviewed the uses of high temperature aqeuous chemistry and 
stresses the important role played by electrochemical methods 
because of the thermodynamic information that they yield and 
also because they give direct insight into the corrosion 
mechanisms of metals in water at high temperatures. In their 
most recent paper Swaddle and Fabes^®, present evidence to
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indicate that Co^’* exists as the hexaaquo-ion in equilibrium 
with minor amounts of tetraaquo-cobalt(II). Cobalt(II) was 
chosen for study at elevated temperatures because of its 
relevance to understanding the mechanism of ®®Co transport in 
heat transfer system of water-cooled reactors, and the study was 
undertaken to evaluate visible-region spectrophotometry as a 
quantitative tool for the study of the high-temperature aqueous 
chemistry of cobalt(II).
One of the earliest studies with an organic acid above 323K 
was performed by Schaller^^ in 18 98 who determined the 
association constant for 2-nitrobenzoic acid, amongst others, to 
372K. Bolton, Hall and Reece^z have calculated the ionisation 
constant of the p-halogenophenols to 333K using
spectrophotometric measurements and analysed their results with 
both the Harned-Robinson equation (1.1) and the Everett and 
Wynne-Jones equation (1,2); they were found to fit equally well.
log K = a/T + b + cT (1.1)
log K = a/T + b + c log T (1.2)
Conductimetric work by Smolyakov and Premanchuk^® on the 
ionisation of 2,4- and 2,6 - dinitrophenol at 298K - 363K 
includes the calculation of the temperature of maximum 
ionisation by extrapolation using equation (1.1). Alexander, 
Dudeney and Irving have developed a high temperature 
teflon-lined spectrophotmetric cell^^ for use up to 573K and 
have used it to study the ionisation of the acid and the
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hydroxyl components of salicyclic acid to 523K. More precise 
lower temperature work to 358K^® was also performed which 
reconciled differences in values obtained from 
spectrophotometric and conductimetric studies. Buisson and 
Irving^G studied, without the use of buffers, the protonation of 
the bidentate monoacidic nitrogen base 2,2'-bipyridyl from 2 98K 
to 473K using the high temperature cell^^, and concluded that 
ACp° varied from -13 to -21 J deg  ^mol  ^ over this range.
1.10-phenanthroline; 5-nitro-5,6-dimethyl- and 2,9-dimethyl-
1.10- phenanthroline have been investigated to 523K by 
Alexander, Dudeney and Irving‘s ® . They found that these 
bidentate monoacidic nitrogen bases exhibited approximate 
linearity in the van't Hoff plots except for 2,9-dimethyl-
1.10-phenanthroline which showed significant deviations from 
linearity. This was ascribed to changes in the degree of steric 
hindrance imposed by the 2,9-methyl groups. Similar deviations 
were found for the protonation of the 2-aminoraethylpyridinium 
cation^®. A new generation of optical cells and sapphire 
windows®® were used by Alexander, Buisson, Dudeney and Irving to 
study the tris-complexes of 2,2 *-bipyridyl, 1,10-phenanthroline 
and 5-nitro-l,10-phenanthroline and iron (II)^?>®^ to 433K. 
Spectrophotometric studies at temperatures between 278K and 4 7 3K 
in aqueous solution have been reported by Simpson^® on the 
protonation of the ring nitrogen atoms of 8-aminoquinoline, 
8-hydroxyquinoline, pyridine and 2-aminomethylpyridine, and two 
association constants each for 2,2',2"-terpyridyl and
4,4'-bipyridyl. Simpson^® has also measured the overall
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association constant for the complex ion bis (2,2 *,2"-terpyridyl) 
iron(II) at temperatures between 298K and 473K and the 
association constant for the first chloro-complex of copper (II) 
to 373K. All his work used the high temperature cell designed 
by Irving et al®®. The first chloro-complex of cadmium(II) 
has been studied between 298K and 523K using a silver-silver 
chloride concentration cell with transference^®. Krishnamoorthy 
and Harris®^ have obtained values to 323K for the acid 
dissociation constant of adenine and the formulation.constants, 
both 1:1 and 1:2 of the mononuclear chromium(III)-adenine 
complexes.
Many of the above-mentioned workers have also reported 
derived thermodynamic functions. Table 1.1 gives a summary 
of the equilibria discussed.
TABLE 1.1
RELEVANT EQUILIBRIA STUDIED AT HTGH TEMPERATURES
Equilibrium Temperature ramge (K) Reference
«2° + oh“ 273 - 579 17
«2° ■<- h'*’ + oh” 273 - 573 18
HaO ->••4* + oh” 297 - 616 31
«2°
->4- + oh” 373 - 473 21
«2° -y4- h’’ + oh” 373 - 623 23
«2° -y4- + oh” 273 - 573 22
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TABLE 1,1 Continued
Equilibrium Temperature Range (K)
Reference
CH3COOH t CH3COO- + H+ 273 - 579 17
CH3COOH Î CHgCOQ- + H+ 298 — 4 98 20
NH4OH t NH4+ + 0H“ 273 - 579 17
NH4OH t NH4+ + 0H~ 297 - 616 31
NH4++NH3 + H+ 273 - 573 19
C2H5COOH t C2H5COO" + H+ 298 - 498 20
n.CgH^COOH t n.CgHyCOO" + H+ 298 — 4 98 20
C6H5COOH t CgHgCOO- + H+ 298 - 498 20
HSO4" $ + 304^“ 298 - 623 26
HCl Î + Cl“ 616 31
LiOH Z Li"^  + 0H“ 561 - 616 31
MgS04 Z Mg2+ + 505 - 616 31
C6H4 (N02)C00- + H+t C6H4 (N02)C00H 298 - 372 41
CgH4(0H)C00H Z C6H4 (OH)COO” + H+ 298 - 353 45
CgH4 (0H)C00- Z C6H4 (0“)C00" + H+ 298 - 353 45
I2 + I~ ^ I3" 283 - 353 32
LOH Z L0“ + H+
L = phenol; 3-chlorophenol;3-bromophenol; 3-iodophenol 298 - 363 42
L = 2,4-dinitrophenol; 2,6-dinitrophenol 298 - 473 43
MSO4 Z m2*^ + S04^"
M = Mg,Zn,Cd,Cu 297 - 363 27
M = UO2 297 - 423 27
Pe3+ + Br~ Z FeBr2+ 298 - 423 29
Fe^+ + Cl” Z FeCl2+ 298 - 423 28
Fe3+ + SO42- Z FeS04+ 298 - 423 30
Contd .../
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TABLE 1.1. Continued
Equilibrium Temperature Range (K) Reference
Cd2+ + Cl" t CdCl^ 298 - 527 49
Cu2+ + Cl" t CuCl+ 297 - 373 49
Fe2+ + 3L Î (FeLg)
L = 1,10-phenanthroline 298 - 380 47, 51
L = 5-nitro-l,10-phenanthroline 293 - 380 47, 51
L = 2,2'-bipyridine 298 - 433 47, 51
L = 2,2',2"-terpyridine 298 - 473. 49
LH2+ Î LH + H+ 323 52
LH $ L" + H+ 323 52
Cr3++ L t (CrL)3'^ - 323 52
Cr3+ + 2L$(Cr(L)2)3 + 323 52
L = adenine
L + H+ Z LH+
L = 2,2'-bipyridine 298 - 473 46
L = 1,10-phenanthroline 298 - 523 47, 48
L = 5-nitro-l,10-phenanthroline 298 - 448 47, 48
L = 5,6-dimethyl-l,10-phenanthrolirle 298 - 388 47, 48
L = 2,9-dimethyl-1,10-phenanthroliile 298 - 448 47, 48
L = 8-aminoquinoline; 8-hydroxyquinoline 278 - 523 49
L = pyridine 278 - 473 49
L = 2-aminomethylpyridine 278 - 373 49
L + H+ Z LH"^
LH+ + H+ 2
L = 2,2',2"-terpyridine 298 - 473 49
L = 4,4'-bipyridine 278 - 448 49
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Most of the reactions studied in the present work are 
ion-consuming reactions, i.e. there is a change in charge as the 
reaction proceeds. They are therefore much more sensitive to 
temperature induced changes in the properties of the solvent 
such as the dielectric constant than are isoelectric 
reactions®®. In isoelectric reactions there is no nett loss or 
gain of charge as the reaction proceeds, e.g. the formation of 
the nicotinate zwitterion, the reactions of the halogenophenols 
with base, and the formation of triiodide ion from iodine and 
iodide ion.
If as a reaction proceeded, a nett loss in charge occurred, 
as for the protonation of the nitrobenzoate anion (equation
1.3), a decrease in dielectric constant would be expected to 
push the reaction to the right, i.e. to favour the formation of 
the lower charged species.
(CgH^) (N02)C00 + Ï (CgH^) (N02)C00H (1.3)
For isoelectric reactions where the reactions are relatively 
insensitive to changes in the dielectric constant of the 
solvent, water in all cases reported here, the van't Hoff plot 
of pK^ against the reciprocal of temperature would be expected 
to be linear. However for ion-consuming reactions a linear plot 
will only be obtained if the dielectric constant, e, of the 
solvent is taken into consideration. Therefore a plot of pK^ 
against (Te)  ^ should show approximate linearity®**»®®.
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Previous treatments*^ ®'' 5i q£ isoelectric protonation 
reactions at high temperatures have favoured the use of 
multi-parameter equations to describe the temperature dependence 
of the association constants. Due to the more realistic 
assessment of errors in this work a straight line fit, i.e.,6Cp° 
= 0 with temperature invariant values for and AS°, has been
chosen for the isoelectric reactions. However for ion-consuming 
reactions the usual means of allowing for the temperature 
dependence of AH° has been to express ACp^ as some function of 
temperature so that equation (1.4) can be integrated to yield an 
expression for AH° as a related function of temperature.
(6H°/6T)p = ACp° (1.4)
Then this expression permits integration of equation (1.5) to 
obtain the desired equation for InK as a function of
(61nK/6T)_ = AH°/RT^ (1.5)
temperature. It is possible to use experimental values of K at 
several temperatures with this final equation (1.6) to fix the 
values of the parameters in the original expression of A a s  a 
fun-ction of temperature. These values then permit
InK = - AH°/RT + constant (1.6)
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the calculation of the desired AH°, AS° and ACp° over the range 
of temperature covered by the K values. In making some of these 
calculations it is often convenient to use the equation for the 
temperature dependence of the entropy change, which is 
(ÔAS°/ôT)p = ACp°/T.
The difficulties and uncertainties associated with these 
calculations are partly derived from the experimental errors in 
the K values and partly from the choice of function to represent 
the dependence of ACp° on temperature. It is the latter problem 
that the work by Helgeson and Cobble®®”®® has sought to 
overcome. Detailed attention to both problems has been given by 
King®^ and Ives and Marsden®®, Clarke and Glew®® have developed 
another method for evaluation of thermodynamic functions from 
equilibrium constants involving expression of ACp^ as a Taylor's 
series expansion around a reference temperature. Further 
comments on this topic are given in section/3.lu
1.2. OBJECTIVES AND SCOPE OF THE PRESENT WORK
There were three main aims of this work. The first was to 
further test, at high temperature, a modified Pye Unicam SPIBOO 
ultraviolet and visible spectrophotometer used in conjunction 
with a specially designed cell and the analysis of the 
spectrophometric data by the computer program SQUAD (section
1.3). SQUAD allows overlapping equilibria to be studied without 
the use of buffers or the need to determine the hydrogen ion 
activity. Previously the entire system had been used to
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determine the association constants of heterocyclic nitrogen 
atoms with proton and to investigate a few iron (II) complexes’^® 
for which the temperature variation of association constant was 
straightforward. The new work employed carboxylic, phenolic, 
and zwitterionic acids some of which had two, overlapping 
association constants and most showed more complex behaviour as 
the temperature was increased.
Secondly, the spectrophotometer and cell were used to study 
weak transition metal-ion complexes with simple inorganic anions 
at high temperatures. The spectrophotometric data were analysed 
by the method of McConnell and Davidson®^ which determined 
simultaneously the equilibrium constant and extinction 
coefficient of the complex formed from the gradient and 
intercept of a plot of reciprocal absorbance against reciprocal 
metal-ion concentration (Chapter 4) and was likely to be subject 
to large errors.
Thirdly, collaboration with the Central Electricity 
Research Laboratories through an SRC-CASE studentship allowed 
the investigation at C.E.R.L. of a new vapour equilibration 
method which was applied to the formation of triiodide anion 
from iodine and iodide ion in aqueous solution.
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1.3. COMPUTER PROGRAMS SQUAD, CQGR, A2RA AND POLY
A review of pH titration programs and programs for 
analysing spectrophotometric dat^ is given by Simpson^®. The 
program SQUAD was written by Leggett and McBryde® ^ , based on
SCOGS®®:®®, a pH titration program by Sayce, and the version 
used here was adapted for this work by Simpson. SQUAD works on 
numerous iterative routines. The Gauss-Newton method® 
coupled with numerical differentiation is used in the main 
refinement loop of the program to calculate the set of overall 
association constants (By) and extinction coefficients which 
best satisfies any given set of spectrophotometric and 
analytical concentration data. Details of the stoichiometry of 
the expected complexes must be provided; however it does not 
require prediction of extinction coefficients or the free 
hydrogen ion activity and is thus particularly suitable for work 
over 373K. Polyfunctional species can also be studied even if 
the stages of the association reactions are overlapping across a 
wide range of pH values.
The Gauss-Newton technique ®^^ is one of several gradient 
methods in which y is a function f° of various independent 
variables 'x ' and various unknown constants 'o'. It is based on 
the fundamental equation (1.7):
U (c +Ac) = U(c) + g'^Ac+l/2Ac'^ . H.ac (1.7).
U(c +Ac) is the minimum sum of squares for all points and all 
variables ;
U(c) is the initial value of the sum squares for all points and
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all variables;
Tg is the transpose of the Jacobian column vector of the first 
partial derivatives
9] ' 9] = E —i = 1 6c^
c is the column vector of shifts to be applied to c^:ijic is the transpose of c;
H is the Hessian matrix of second partial derivatives:
N gZf.
«jk =  ^ -------i = 1 6Cj . 6C]^
Equation (1.8) can be derived from equation (1.7) by various 
mathematical manipulations given in references 49 and 67.
c = (A^.A)"1.A^.F (1.8)
in which the matrix of elements 6f^
ÔC j
TA is the transpose of A; -1 denotes inverse; F is the column
vector of residuals f^; N is the number of unknown constants
cj. An initial guess for the vector c is used to calculate A,
TA and F from which AC can be calculated. The corrected vector 
c is then used in a similar calculation and the process repeated 
until the changes in the elements of c are negligible.
The precise input data for SQUAD is detailed in section
3.3.2. In order to calculate the association constants of a
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Chemical system where several reactants give rise to a number 
of complexes, the stoichiometry of those complexes must be 
known and a set of solutions each of which contains a known 
concentration of each reactant must be prepared. The 
reactant concentrations are chosen to vary over the widest 
range possible giving a wide range of percentages of formed 
complexes. The same set of solutions can be used for the 
entire temperature range studied. The absorbance of each 
solution is then measured at a number of wavelengths, these 
being chosen to cover that part of the spectrum which varies 
with changing solution composition. An estimate of the 
values of the stability constants must be provided along 
with the known stoichiometry of the complexes. Any known 
extinction coefficients may also be given. Finally, some 
control parameters are necessary to designate which association 
constants and extinction coefficients are to be refined.
The theory of SQUAD as used here is given in reference 49
and it is based on the partial derivatives ^^^k (the change in
<S6j
absorbance AC^ for a small change in 6  ^ all other 6 remaining 
constant) being calculated numerically by incrementing and 
decrementing the constants g  ^ by small amounts of 6  ^ “ 0.5% 
of gj) and noting the effect on the calculated absorbance 
values. The derivatives are then approximated by equation
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(1.9), this
â AC, = AC, (B. + ÔB.) - AC, (B. - ÔB.) 1.9 ^  -K-_____J J_____________ ______ J________ J
ôBj 2 X 6Bj
process being repeated for all values of absorbance and 6.
The criterion for refinement termination is that the calculated 
correction to g  ^ should' be less than 0.01% of g  ^ for all values 
of gj; the cycle is repeated until this criterion is met.
SQUAD is designed to handle up to four reactants and their free 
concentrations. The concentration of each complex is 
calculated for each solution using mass balance equations. These 
do not allow for the dissociation of water which becomes 
important in the pH range 5.5 to 8.5 and therefore weak acids or 
strong bases could not be studied; this could be overcome by 
the use of charge balance equations. The extinction coefficients 
are calculated using overdetermined linear equations. However 
those obtained from the work reported in chapter 3 where SQUAD 
was used are felt to be of little importance and are therefore 
not given. This is because reliable measurements of absorption 
peak movements and peak height changes can only be made at the 
wavelength of maximum absorption. The wavelengths used here 
were 'in the region o f  the maximum absorptions, i.e. they 
covered either side of the maxima but no attempt was made to
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include measurements at maximum absorbance. This situation was 
dictated by the need for good reproducibility of wavelength from 
solution to solution and to achieve this situation calibration 
marks on the wavelength drum were aligned with a setting mark on 
the wavelength dial every time an absorption measurement was 
made. This meant that the spectrophotometer could only be set 
precisely at wavelengths having calibration marks. Peak maxima 
rarely coincided with these. Also the cell blank absorbance 
(figure 2.3) distorted peak shapes to such an extent that maxima 
were greatly displaced towards smaller wavelengths.
As it is currently set up, SQUAD can handle up to 13
solutions, 12 wavelengths, 2 variable g's and 3 complexes. It
is found that as the standard deviation of the absorbance values
increases, so the uncertainty in the calculated constants
increases. The random errors in the total reactant 
concentrations are considered to be smaller than errors in the 
absorbance data.
COGR is a species distribution program and it is made up of two 
subroutines from SQUAD adapted to run independently. It 
calculates the concentrations of all species in solution and 
requires the number and concentrations of reactants, the number 
and stoichiometry of the formed complexes, the number of 
solutions and the values of log^^g.
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The program is designed to calculate the percentages of 
reactants and complexes present in any solution at equilibrium, 
provided that the stability constant is known. COGR is used 
when the low temperature (usually 298K) value of log^Q^ is given 
in the literature, and the concentration of the compound under 
study, e.g. organic acid or metal ion, required to give a good 
absorption peak has been found. The concentration of the other 
reactant, e.g. hydrogen ion, inorganic anion, is varied to 
observe the effect on the formation of the product and the range 
of concentrations optimised to give a full range of percentage 
product formed across the set of solutions. At present the 
program operates for a maximum of two metals and two ligands as
it can handle up to four mass balance equations: 
NCCT,-CF - S 
 ^  ^L=1
NCCT_-CF_- Z L=1
NCCT_-CF_- Z 
 ^  ^L=1
CT4-CF
 ^ * L=1
A(L),K(L),CFA(L)1 ,CF. B (L) ,CF. C(L) /CF, D ( D )  _= 0 (1.10a)
A(L) B(L) C(L) D(L) )_B(L) ,K(L) ,CF^"'"' ,CF2 ' ' ,CF^ ' ' ,CF^"'"' j= 0(1.10b)
A(L) B(L)C(L),K(L),CFj_ ' ',CF2 ' ',CF2C(L) ,CF, D(L))_= 0 (1.10c)
D(L) ,K(L) ,CF^^^^) ,CF2^(^) ,CF3^^^^ ,CF^°^^^ |= 0(1.lOd)
CT^ = total concentration of reactant i 
CF^ = free concentration of reactant i 
K(L) = stability constant of the Lth complex
A(L), B(L), C (L), D(L) = stoichiometric coefficients of complex L 
NC = number of complexes ,
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This set of equations is solved, for values of CFi, CF2, CF^ and 
CF^, for each solution by the Newton-Raphso.n method.
Equations (l.lOa-d) can be rewritten, with a U as the difference 
between the observed and calculated total concentrations, as:
= CTi - (CFi,CF2,CF3,:cF^ ) (1.11a)
Ü2 = CT2 - F2 (CF;^,CF2,CF3,CF4) (1.11b)
U3 = CT3 - F3 (CFi,CF2,CF3,CF4) (1.11c)
U4 = CT4 - F4 (CFj_,CF2,CF3,CF4) (l.lld)
The Newton-Raphson equation can be written as equation (1.12)
Ac = -g-l.U (1.12)
c = vector changes to CF;l,CF2 ,CF3 ,CF4. 
g = Jacobian matrix whose elements are aUi
6'CFj
Refinement proceeds as follows. Initial values of CFj are 
guessed and the elements of g calculated analytically from 
equation (1.10). The matrix g is then inverted and multiplied 
by Ü which yields corrections to the values of CFj. If the 
corrections are negligibly small, the refinement is complete; 
if not, the process is repeated using the corrected values of 
CFj as the initial values.
The computer program A2RA was written by Alexander^?. It 
has several disadvantages that have been overcome in SQUAD, but 
may be of use when SQUAD will not converge with a set of input
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data. One of these is that it requires the extinction coefficients 
of the reactant and product, e.g. L and L for L + OH ^ L + H^O, 
at the wavelength of study and these are not always readily 
available. It can also only handle absorbance data from a 
single wavelength. Other input data required are the temperature 
(t^ C) at which the absorbance measurements were taken, the 
density of the solvent (water) at 20^0 and at toc, the number of 
solutions,the concentration of the reactants, the absorbance 
values measured from the solutions and an initial estimate of the 
stability constant. A2RA can only handle one-step reactions, 
e.g. association of a monobasic acid, the dissociation of a phenol.
For example, consider a solution of the base B in a dilute 
solution of a strong acid EX.
Let p = stoichiometric concentration of HX added and assuming 
complete dissociation of HX the electroneutrality principle gives 
h + (BH+) = p = |^X”j (1.13)
where h is written for HgO^ concentration.
Let c be the total concentration of the base in both protonated 
and unprotonated forms and is the acidity constant of the acid
BH+,then
(BH+) = c| h/(h + x J  (1.14)
therefore substituting from (1.14) in (1.13) 
h + c (h/(h + K^) = p 
i.e. h2 + (c + - p)h - K& = 0 (1.15)
A2RA uses a procedure based on an assumed reasonable value for 
K^. It calculates an approximate value of h from equation (1.15] 
either by successive approximation or using the standard formula 
for the roots of a quadratic equation. Then it plots A against 
(Ao“A)/h, where A and Aq are respectively the absorbance values
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of B and BH^, to find a new value of by the method of least 
squares, A new value of h is then calculated from equation (1.15) 
and the process repeated until the values of obtained from 
two successive cycles do not differ by more than 0.01%.
POLY is a computer program which uses equation (1.16) to 
obtain an overdetermined least squares fit.
T.pK = A + BT + CT2 + ----  (1.16).
It is used to curve fit values of AG to their corresponding 
temperature (K) values, where AG is calculated from experimental 
log^^K values using equation (1.17);
AG = - 2.3026RT logioK (1.17).
It is only necessary to use POLY when the van't Hoff plot shows 
marked curvature; if it is linear then a least squares program can 
be used fitting AG to T(K) with equation (1.18):
AG = a + b T (1.18).
POLY is capable of fitting up to the term but in
practice no terms higher than t 2 were used to calculate AG 
because as shown by Clarke and Glew®® there is no point in using 
high degrees of fit if they exceed the accuracy of the experimental 
input data. Clarke and Glew®® have fitted temperature dependent 
equilibrium constants to several general equations and conclude 
that apart from computational convenience the equations expressing 
log K as a power series in T have little to commend their use.
The program calculates the standard deviation of fit to each 
degree of equation (1.16). In our experience this deviation at
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the t2 term becomes less than the calculated standard deviation 
(to)fit in the log^oK values used to calculate AGO so that 
termination at is fully justified. The required values of 
AH^ and AS° can then be obtained from, in effect, differentiation 
of equation (1.1) since the parameters a,b and c of (1.1) are 
the A, B and C values calculated by POLY in (1.16) .
In cases where, for example, AC^° has been determined to 
six or seven degrees of fit, it is justified because the 
experimental data are more accurate, being from conductimetric 
or potentiometric experiments. In some case ACpO has been 
measured calorimetrically whereas here AG° is calculated from 
another experimental parameter, logiqK^'.
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CHAPTER 2
EXPERIMENTAL PROCEDURES
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2.1 HIGH TEMPERATURE APPARATUS
2.1.1 INTRODUCTION
The details of design and construction of high temperature 
and pressure cells, have been published in several papers®®”®®.
A review of constructional techniques is given by Alexander^?.
Irving and co-workers®® designed the cell and spectrophotometer 
modifications which are described in this chapter and Simpson^® 
combined them experimentally. The cell design was based on that 
of Lildemann®® and Scholz®^, with the external pressure facility 
removed; they had studied pressure as well as temperature effects. 
Alexander, Dudeney and Irving^^ had previous experience in this 
field and in order to make a rapid impact the design was intended 
to allow the investigation of temperature effects only at saturated 
vapour pressure. A variable pressure facility adds considerably 
to the design problems since high pressure (in excess of Ikbar) 
are needed to produce significant chemical effects. Although the 
cell was designed for operation to 647k and 220bar (the critical 
point of water), an upper limit of 523K was imposed by the 
extrusion of the teflon liner at the sealing rim. This limit was 
further lowered to 473K by the destabilisation of the electronic 
components of the spectrophotometer above that temperature.
2.1.2 SP1800 ULTRAVIOLET-VISIBLE SPECTROPHOTOMETER
The Pye Unicam SP1800 UV-visible spectrophotometer was modified 
to allow a larger cell (overall length 12.3cm, outside diameter 
5.1cm) to be placed in the light path. This did not affect the
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operation of the instrument which is a double beam scanning type 
with a wavelength range of 190 to 800nm. The modifications did 
not however allow a reference cell to be placed in the reference 
beam; it always had to be made by the subtraction of two readings 
obtained by independently placing the sample and reference cells 
in the sample beam.
2.1.2.1 MODIFICATIONS
The major modifications were caused by the addition of a large 
furnace, which had to be accommodated in the cell compartment, and 
the heat shield necessary to protect the electronics of the 
instrument. This led to the photomultiplier and associated mirrors 
being moved 10cm outwards from their original positions, and to 
the refocussing of the monochromator light to this new position.
The aperture of the light beam was stopped down to prevent light 
striking the sides of the tube-like cells. This was effected at 
the static beam splitter after the monochromator.
The electronics were only modified by the addition of a Weir 
four-figure digital voltmeter to give a digital readout of 
absorbance, this was later replaced by an R.S. four-figure meter. 
This led to more precise measurements as it eliminated the 
inaccuracies inherent in the standard moving coil meter fitted 
in the SPIBOO.
The maximum amount of cooling and insulation possible was 
required to protect the spectrophotometer from the heat. A 3cm 
thick sheet of expanded polystyrene was placed between the back 
of the cell compartment and the electronic circuit boards.
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Cooling water, at 278K, was pumped through a hollow-walled brass 
jacket which formed the walls of the new cell compartment. The 
control and measuring thermocouples were similarly cooled on 
entry to the cell compartment. The flow of nitrogen through the 
air bearing (section 2,1.4.), which was permanently on during 
heating, also helped with the dissipation of heat from the furnace, 
whilst also preventing the carriage from directly contacting 
the spectrophotometer base,
2.1.2.2. PERFORMANCE
The performance of the SP1800 was compared with those of 
Pye Unicam spectrophotometer models SP3000 and SP8-100. The 
latter two instruments were regularly serviced and kept within 
the manufacturer's specified operating limits. Standard 
potassium dichromate solutions were prepared®? in acid solution 
and their absorbance, at room temperature, measured on all three 
instruments. The SPIBOO was calibrated against the other two 
so that they all gave the literature absorbance values®?.
The wavelength accuracy of the SPIBOO was regularly checked, 
as specified in the manufacturer's manual, against holmium and 
neodynium filters.
Whilst coming to thermal equilibrium the instrument showed 
very great baseline drift which was caused by the movement of 
heat along the baseplate slightly altering the mirror positions, 
and thus the amount of light striking the photomultiplier. Once 
at thermal equilibrium the baseline drift was very slow CO.005
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absorbance units per hour) and measurements could be made without 
it having any significant effect.
2.1.3. OPTICAL CELLS
Each cell consists of the parts shown in figures 2.1 and
2.2, plus two locking clips and two thin teflon washers. The 
metal parts are all made from oxide-coated 316 stainless steel.
A cell is assembled around the two window caps which are 
joined together by the teflon liner or bellows. The liner is 
inserted by compressing it until the window caps can be slipped 
over the seating rims; it is then expanded to its normal shape.
The two window caps are locked together by two clips which hold 
around the outside of the liner. A sapphire window was placed in 
one of the window caps followed by a teflon washer and was held in 
place by one of the cone pieces.
At this stage the cell was ready for filling; for refilling 
only the subsequent operations had to be performed. The inner 
cell was washed several times with the test solution and then 
filled to just below the upper teflon rim. The second sapphire 
window was placed into the window cap with a thin teflon washer 
on top of it. The cell body was then slipped over the inner 
assembly before the second cone piece was screwed into position.
The two cone pieces were then tightened against each other using 
two spanners until the assembly was sealed. A gland ring was screwed 
over each end of the inner cell and finally a gland nut was screwed, 
spanner tight, onto each end.
The inner cell was never completely filled so that on closure
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FIGURE 2.1 OPTICAL CELL FOR STUDIES ABOVE 353K
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FIGURE 2.2 DETAIL OF INNER CELL
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a small gas bubble was left. This allowed for expansion of the 
liquid and made the cell self-pressurising. At equilibrium 
temperature the cell position was manipulated such that any 
remaining gas was not in the light path.
The working lower wavelength limit was set at 2 40nm by the 
synthetic sapphire windows (C&ramel Ltd., diameter 1.9cm, 
thickness 0.64cm) because at shorter wavelengths the absorbance 
blank of the cell became unacceptably large, figure 2.3. Also 
because of the high rate of change of absorbance with wavelength 
below 240nm, the wavelength reproductibility becomes critical.
A given pair of windows was always used with a given cell for a 
series of measurements on a given system.
The path length of the cell was defined as the distance 
between the two inner faces of the sapphire windows. It is 
only dependent on the tightening of the two cone ends against 
each other, and the gland nuts ensure that they seat firmly against 
the conical sectioned faces A in the cell body. The path length 
was arranged, by design, to be 1cm; this could be checked using 
standard dichromate solutions. In practice the calibration of the 
SP1800 against an SP8-100 spectrophotometer was carried out as 
described in section 2.1.2.2 and thus any discrepancy in path 
length was overcome. The teflon liner rims had to be kept clean 
so as to ensure proper seating of the sapphire windows with no 
increase in path length,
2.1.4 CELL CARRIAGE AND FURNACE
The cell carriage was designed to hold six cells simultaneously 
in a drilled block of aluminium alloy containing twelve cartridge
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FIGURE 2.3 ABSORBAICE BLAEK OF A HIGH TEMPERATURE CELL
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heaters (total 2kW) surrounded by an insulating layer of steatite. Any 
cell position could be brought into the light path by horizontal 
rotation of the furnace which was supported on an aluminium frame 
by two roller bearings. The 20kg furnace could be moved in the 
horizontal plane because of the two air bearings on^it's base, fed 
with nitrogen. Two micrometers, situated at the front of the 
instrument, controlled this movement so that the cleanest part of 
the cell windows could be moved into the light path.
Chromoalumel thermocouples were used by both the Stanton- 
Redcroft temperature controller and the Eurotherm module. The 
former maintained temperatures to ±0.5K, and the latter was 
accurate to ± 2K in . 623K. The thermocouple which measured the 
temperature of the sample in the cell extended through the 
furnace and lagging to within 0.1cm of the sample space. Simpson^^ 
concluded that the temperature of the test solution in a cell in 
the furnace was at 3K less than that indicated by the temperature 
controller.
2,1.5 COMMENTS ON THE HIGH TEMPERATURE APPARATUS
Alexander^o describes the use of all six cells in a series 
of measurements at a given temperature, but in practice only one 
cell could be used since the cells showed slight variation in path 
length. Therefore if a set of readings was obtained from different 
cells, a reference reading for each one would be needed. Thus, 
in the interests of accuracy, it was decided to use only one cell 
and a particular pair of windows for each system. Alexander^?
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reviews how this problem has been overcome by other workers. The 
cell carriage and furnace were, in the light of the above comments, 
much larger than necessary which led to problems with the amount 
of dissipated heat. For future use it would be preferable to 
replace the furnace with a much smaller one which would take only 
one cell at a time. This would lead to greater stability of the 
electronics, particularly the photomultiplier, in the SP1800 and 
therefore extend its use. The cooling system was not as efficient 
as it could have been, since the cooling jacket was very narrow 
and frequently became air-locked. The cooling system should be 
built into the outer surface of the new furnace.
The cells had the major advantage that the test solutions only 
came into contact with teflon and sapphire and these materials 
were inert to the reagents used. They were also very easy and 
quick to assemble and dismantle and as their thermal capacity was 
small heating and cooling were rapid. This led to the possibility 
of measuring a large number of test solutions in one day. The cells 
had been designed^° to have the pressure of the test solution in 
the sealed inner cell balanced by filling most of the space 
between it and the main body with water, however this was found 
to be unnecessary at temperatures to 473K (section 2.1,3).
Inner cell leakage did occur, on occasions, to a small extent 
and this led to opaque deposits on the outside of the windows, but 
this was overcome by lateral alignment using the micrometers 
(section 2.1,4). If this was not sufficient, and to allow for 
window absorbance, an absorbance measurement was made for each 
solution at a wavelength at which the test solution did not absorb.
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It was used in the calculations described in section 3.3,1, Cell 
leakage mainly occurred as the teflon of the liners extruded at 
the sealing face with the window with use and the liners had to 
replaced as the sealing rim became thin. The number of times that 
a cell liner could be used depended on the temperature at which 
it was used; the higher the temperature, the shorter its life. If 
a cell liner was not replaced soon enough then either the cell 
contents were completely lost, or the liner tore as the two window 
caps were tightened against each other.
2.2 LOW TEMPERATURE APPARATUS
The work reported here at temperatures less than 353K were 
carried out using either a Pye Unicam SP3000, or more usually, an 
SP8-100 spectrophotometer. Both instruments were used in their 
standard forms with both the reference and the sample cell holders 
being thermostatically controlled (±0.05K) from a water bath fitted 
with heating and refrigerating elements.
The only problem experienced with this apparatus was that at 
the higher temperatures air bubbles sometimes formed on the inside 
surfaces of the cell, these were easily removed by gently 
tapping the cell.
2.3 MATERIALS
A summary of the chemicals which were used and microanalysed 
is given in table 2.1, and of other chemicals in table 2.2.
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TABLE 2.2
Material Source Grade
Copper(II) oxide B.D.H. A.R.
Hydrochloric acid Fisons A.R.
Hydriodic acid AlphaInorganics Inc. Ultrapure
Iodine Hopkin & 
Williams A.R.
Iron(III) oxide Aldrich
Chemical Co.. Inc. contained 69.3% Fe
Perchloric acid B.D.H. A.R.
Potassium iodide AlphaInorganics Inc. UltrapureA.R.
Sodium acetate B.D.H. A.R.
Sodium chloride Fisons A.R.
Sodium hydroxide B.D.H. A.R.
Sodium perchlorate Hopkin & Williams A.R.
Sodium sulphate Fisons A.R.
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2.3.1 WATER
The water used in the work described in Chapter 5 which was 
carried out at C.E.R.L. was doubly-distilled and deoxygenated 
by the passage of nitrogen through it for several hours. All 
the other water used in the work reported here was singly- 
distilled and deionised with a resistivity of greater than 
2 megohm-cm.
2.3.2 CONCENTRATION SCALE
Quist and Marshall®® and Bell and Gatty®® discussed 
concentration scales and concluded that the molar scale was the 
most appropriate one for use at high temperature, since this 
scale accounted for the temperature-volume properties of the 
solvent. Following this, and in order to give compatibility 
with previous high temperature work^s-^s, 51^  this scale was 
used throughout the work reported here.
2.3.3 STANDARDISATION
Hydrochloric and perchloric acid solutions were standardised 
against borax®using methyl red as the indicator. The hydriodic 
acid solution was standardised by pH titration against a 
standardised sodium hydroxide solution.
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2.4 PREPARATION OF SOLUTIONS FOR SPECTROSCOPY
2.4.1 ORGANIC ACIDS
A stock solution of the acid was prepared to the required 
concentration as frequently as was necessary for it to be 'fresh*. 
'Freshness' was tested by running the spectrum of the solution 
each time it was to be used if the absorbance readings were the 
same from the aged stock solution as had been obtained from it 
when it was originally prepared, then it was used. If the acid 
would not dissolve directly into deionised water then it was 
dissolved in a mimimum (<10cm3) quantity of ethanol (96%) before 
dilution. Each stock solution was prepared in a volumetric 
flask.
The test solutions were prepared by transferring aliquots, 
usually 10cm3, of the stock solution into volumetric flasks 
(lOOcm^). Aliquots from previously prepared stock acid or alkali 
solutions were then added to the flasks to give the required 
range of concentrations. If a constant ionic medium was required 
for all the test solutions then sodium chloride solution was 
added as necessary, and the solutions finally made up to the mark.
2.4.2 COPPER(II)-CHLORIDE SOLUTIONS
Copper(II) perchlorate was prepared by the reaction of 
copper(II) oxide with perchloric acid®^ and the resulting blue 
crystals were recrystallised from perchloric acid (O.25mol dm"3). 
A stock solution of copper perchlorate (Imol dm”3) was prepared 
in perchloric acid (O.25mol dm“3) ^ the acid being necessary to 
prevent hydrolysis®if®^. The copper concentration in the stock
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solution was determined by titration against EDTA using Fast 
Sulphon Black indicator®®b. The hydrogen ion concentration in 
the stock solution was determined by pH titration^®. The test 
solutions were prepared by the addition of varying aliquots of the 
stock solution to volumetric flasks (lOOcm^), to give a range of 
copper concentrations from 0.25 to 0.02mol dmT^. Standardised 
hydrochloric acid aliquots (lOcm^) were then added to each 
volumetric flask, plus sodium perchlorate solution aliquots to 
bring all the test solutions to the same ionic strength. Both 
the stock copper solution and the sodium perchlorate solution 
were tested (AgNOg) for chloride ion content and none was found.
2.4.3 IRON(III)-CHLORIDE SOLUTIONS
An iron(III) perchlorate solution was prepared by reacting 
iron(III) oxide (5.0 x 10”3 moles) with perchloric acid 
(2.03 moles) Vigorous heating was applied until a yellow 
solution was formed which cooled to a colourless solution. The 
final stock solution contained iron (10”^mol dm”3) and perchloric 
acid (2mol dm”3), sufficient to suppress hydrolysis of the iron®®'®^. 
The test solutions were prepared by the transfer of aliquots (lOcm^) 
of the stock solution, and varying aliquots of standardised 
hydrochloric acid to volumetric flasks (lOOcm^) to give a chloride 
concentration range from 0,007 to O.OOlmol dm"3, Nothing was 
added to the test solutions to bring them to the same ionic 
strength since the concentration of perchloric acid was equal in 
each solution, and in great excess compared with the other 
components. Each solution was therefore considered to be at
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approximately the same ionic strength® ®.
2.4.4 IRON(III)-SULPHATE SOLUTIONS
An iron(III) perchlorate solution was prepared as described 
in section 2,4.3 by reacting iron(III) oxide (5,0 x 10"2moles) 
with perchloric acid (1.656moles), giving a stock solution which 
contained iron (1,0 x 10“lmol dm”3) and perchloric acid 
(1.356mol dmr3). The test solutions were prepared by the transfer 
of aliquots of the stock solution giving a range of (Fe3+) 
concentration from 3.0 x 10"2mol dm3 to 1.0 x 10"3mol dm"3. 
Aliquots (lOcm^) of sodium sulphate were added giving a constant 
sulphate concentration, and aliquots of standardised perchloric 
acid to give each solution a hydrogen ion concentration of 
5.0 X 10"^mol dm"3. No adjustment was made for ionic strength 
which ranged from 0,51 to O.65mol dm"3,
2.4.5 IODINE SOLUTIONS
The solution preparation for the iodine work carried out at 
C.E.R.L. is described in section 5.3.4. The other iodine 
experiments were carried out using solutions prepared from a 
stock solution of hydrochloric acid (Imol dm“^), potassium 
iodide (10"2mol dm""3) and iodine (2.5 x 10"^mol dm"3). This 
stock solution had to be prepared daily. Aliquots (lOcm^) of 
the stock solution were transferred to volumetric flasks (lOOcm^) 
and the iodide concentration of each test solution was adjusted 
as required with the addition of solid potassium iodide.
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2.5 GLASSWARE AND OPTICAL CELLS
All the glassware used was soaked in DECON-75 before use 
and then thoroughly rinsed with tap, distilled and finally 
deionised water. As far as possible the volumetric flasks and 
the pipettes used were 'A' grade, otherwise 'B ' grade was used.
For the work carried out at temperatures less than 353K a 
matched pair of 1cm silica cells were used, with the exception 
of iron(III) chloride, where a matched pair of 4cm silica cells 
were used. These cells were also cleaned after use with DECON-75 
and were stored clean and dry in boxes to keep them dust-free.
The sapphire windows used in the high temperature cells (section 
2.1.3) were frequently soaked overnight in DECON-75.
2.6 CHOICE OF ANALYTICAL CONCENTRATIONS
In order to prepare a set of solutions for spectroscopy which 
contained a full range of all the species involved in the 
reaction, e.g. L^", HL“ , H^L, the species distribution program 
'COGR' was used (section 1.3). COGR calculated the percentages 
of free reactants, and of products formed, for given 
concentrations of reactants, using a known value for the stability 
constant. The concentration of the ligand was determined by that 
which would give a peak absorbance®® value of about one, and the 
concentration of hydrogen ion added was varied.
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2.7 CHOICE OF ANALYTICAL WAVELENGTHS
Spectra of the most and least acidic solutions, determined 
as described above, were recorded and visually examined. The 
wavelength region in which the greatest spectral changes were 
evident was chosen as the analytical region.
2.8 DEOXYGENATION
On frequent occasions the study of a system had to be 
abandoned because an increase in absorbance with time was 
observed, usually at high temperatures. Frequently this problem 
could be attributed to the presence of oxygen in the high 
temperature cell, which was present in the necessary air bubble 
as well as dissolved in the solution itself. In order to extend 
the work on some systems the test solutions were vacuum 
deoxygenated,
The deoxygenation procedure was performed on a nitrogen/vacuum 
line, usually used to facilitate the preparation of air-sensitive 
compounds. This provided a means of evacuating the experimental 
apparatus and filling it with deoxygenated 'white spot' nitrogen 
through a single tap.
The apparatus used to deoxygenate the test solutions is 
shown in figure 2.4. The system was evacuated and filled with 
nitrogen three times and then nitrogen was bubbled through the 
solution for thirty minutes. After this the system was evacuated
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FIGURE 2.4 DEOXYGENATION APPARATUS
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- 51 -
and refilled with nitrogen. The apparatus was next transferred 
from the line to a glove bag which already contained all the 
parts, including spanners, of the high temperature cell, plus 
a teat pipette. The glove bag was evacuated and filled with 
nitrogen six times before the apparatus was opened and the cell 
filled, with the aid of the pipette, with the deoxygenated 
test solution. The cell was put together and the cone pieces 
fully tightened (section 2.1.3) before the cell was removed from 
the glove bag.
Solutions treated in this manner were not used in the 
determination of association constants so that no allowance for 
the loss of solvent water was made. The success of this method 
is discussed in section 3.6.5. '
This method was not used regularly because of the length of 
time taken to prepare each solution and fill the cell; the number 
of test solutions and temperatures at which it would have to be 
performed made it impractical. A good nitrogen glove box would 
have improved the ease of operation and would have given a higher 
degree of deoxygenation.
The spectrophotometric work on the iodine system, reported 
in chapter 5 came to a point at a temperature between 408K and 
423K where oxygen was affecting the system. The solutions could 
not be evacuated because of the dissolved iodine, and so initially 
deoxygenation was tried by bubbling nitrogen through them, in 
the apparatus shown in figure 2.4.
In another procedure, using the same apparatus, the solution 
was frozen in the flask, the air over it pumped out, and
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replaced with nitrogen. The solution was thawed and the flask 
again flushed with nitrogen. These operations were repeated 
four times before the apparatus was transferred to the glove bag 
and treated as previously described.
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CHAPTER 3
VARIATION OF THE ASSOCIATION CONSTANTS OF
WEAK ACIDS WITH TEMPERATURE
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3.1 INTRODUCTION
The remarks made here refer mainly to spectrophotometric 
determinations of equilibrium constants since this was the method 
used in the present work to determine association constants. 
Previous w o r k e r s ^ ^ ^ ^  in this laboratory have studied the 
temperature dependence of the acid dissociation constants of the 
monocations of bipyridine and some 1,10-phenanthrolines at 
temperatures up to 498K, of the proton association constants of 
heterocyclic nitrogen bases^s and of the stability constants of 
the iron (II ) complexes of some of the bases'^  both acid 
dissociation constants have been determined^^ for salicyclic 
acid up to 358k. The work presented in this chapter is an 
extension of these studies and concentrates on the effect of 
temperature on the association constants of several carboxylic 
and phenolic acids. The general equation for the association 
for the carboxylic acids is:
l” + h’*' t lH ............. K a
and for the dibasic acid:
2 * “H ^L + H  -e- H ,L:............. K^
HL“ + H*** ?  K^
Two compounds were studied which formed zwitterions:
iT + t  K^ (3.1)
“f" " 4- ->■ -(-HL + H ^ Hgb .............K^
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The method employed was to study the spectral changes 
accompanying the addition of mineral acid to a solution of the 
organic acid. Three weaker, phenolic acids were also studied 
by the addition of base:
L + 0H“" t iT + H ^ O ............ (3,2)
Here, sodium hydroxide was added to the free acid and the 
spectral changes observed.
Earlier work^^ on the protonation of the nitrogen atom in
8-hydroxyquinoline was taken to higher temperatures. Most of
the reactions studied were ion-consuming where a non-linear
-1plot of pK^ against T was expected and a minimum in pK^ . 
often occurred, as opposed to the isoelectric reactions previously 
analysed^^ where a linear van't Hoff plot was usual. This meant 
in the present case that AH and AS were continually varying over 
the temperature range and ACp could be interpreted as having a 
constant, non-zero value^?, or varying with temperature^^, or 
not reported at all^^, depending on the precision of the 
experimental results. The exceptions were the formation reactions 
of the nicotinate and picolinate zwitterions (equation 3.1) and 
the reactions of phenols with base (equation 3,2) which were 
isoelectric, the protonation of the 2-nitrobenzoate anion which 
is ion-consuming but had a linear van't Hoff plot, (AH and AS 
were constant over the experimental temperature range and ACp 
was interpreted as having a zero value), and the protonation of 
the nicotinate zwitterion where the association constant was
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virtually constant over the temperature range used in terms 
of the likely experimental errors.
The compounds studied were selected as they were possible 
complexing agents, which may have a use in high temperature 
boilers, and also in order to establish the changes in the 
association constants and thermodynamic functions at high 
temperatures for organis acids.
Very little work in this area has been reported in the
literature at temperatures above 2 9 8K, mainly because of the
extreme difficulty of pH measurement at elevated temperatures
as most conventional spectrophotometric determiniations of
association constants require it to be known. The computer
program SQUAD (see section 1.3), used in most of this work, only
requires a knowledge of the total hydrogen ion concentration.
It can calculate simultaneously both association constants for
a dibasic acid which is a considerable improvement over methods^?
previously used for spectrophotometric analysis at high temperatures
which were limited to one step studies where the hydrogen ion
activity was unknown. SQUAD only required absorbance data from
more experimental solutions in order to calculate log^^K^ and
logio32 opposed to log^^K^ only. For 8-hydroxyquinoline it
was possible to determine the two association constants
+  —separately as the two forms, LH2 and L , do not co-exist to
a measurable extent at any pH, having pK^^ = 4.08 and 
pK^2 “ 9.81^00. However for o-phthalic, nicotinic, and 
picolinic acids either conditions of very low or very high pH 
would have been necessary to suppress the unwanted form of the 
acid. As-the association constants are temperature-dependent,at each
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temperature it would be necessary to check that the total acidity 
employed was sufficient to effectively remove the unwanted form.
It was in these cases that SQUAD was particularly valuable.
However SQUAD did not allow for the dissociation of water which 
is important in the pH range 5.5 - 8.5 because ^ mas^ sj'rather than 
charge balance equations are used and therefore any carboxylic 
acid studied could not be too weak nor a phenol too strong. For 
the halogenophenols SQUAD showed poor convergence and another 
method of analysis had to be used. The causes of non-convergence 
were unclear.
The ultraviolet-visible absorption spectrum of a compound also 
had to be considered as, for reasons given in section 2.1.3, 
wavelengths below 240nm could not be used. Ideally the spectrum 
needed a clearly defined absorption peak at a wavelength longer 
than this and the spectra of the protonated and deprotonated forms 
had to be significantly different so that marked spectral 
variation was apparent as the total acidity was varied.
Each system was studied at a constant ionic strength, the 
value of which was determined by the hydrogen ion concentration 
necessary to convert a high percentage of the acid anion to the 
protonated form and the extinction coefficients of the various 
forms. This concentration was calculated using the computer 
program COGR (section 1.3). The ionic strength was kept as low 
as possible. For 4-nitrobenzoic acid it was varied at two 
temperatures. The apparent acidity constants calculated by 
SQUAD at the given ionic strength were corrected at each 
temperature by the use of activity coefficients where appropriate.
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If the equation used to calculate the coefficients was accurate, 
and other assumptions were valid, then a constant value of pK'^ 
should be obtained at a particular temperature, irrespective of 
ionic strength. In practice the equations and the assumptions 
are not exact so that a better thermodynamic constant can be 
obtained by extrapolating a plot of the thermodynamic constant 
against the ionic strength to infinite dilution,
i.e. to 1^0. Thermodynamic constants are sometimes obtained 
from a plot of a set of constants (uncorrected for activity 
coefficients and at different ionic strengths) against the 
square root of their ionic strength by extrapolation to I =0.
This is an untrustworthy method since the gradient of the plot 
is usually large, the points rarely form a straight line and 
the uncertainty in the intercept is therefore high. It was not 
considered necessary to carry out either adjustment on the 
results recorded here because such studies are very time-consuming 
and the general aim was to survey a reasonably large number of 
acids to high temperatures.
3.2 THEORY
3.2.1 COMPUTATIONAL METHODS
The computer program A2RA was used by Alexander^? and 
Buisson^G for investigations of monoacidic bases. It used a 
computational technique which only dealt with one wavelength at 
a time and required two predetermined extinction coefficients. 
Most of the present work used the computer program SQUAD which
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handled many wavelengths simultaneously. This program had the 
great advantage of being capable of dealing with dibasic acids 
or diacidic bases^s, which had previously been difficult because 
of the problem of determining the extinction coefficient of the 
monoprotonated species. If it is possible to find wavelengths 
at which changes in absorbance are caused by either one step or 
the other, i.e. the dianion and neutral forms have quite different 
spectra, then the two steps can be treated separately. This 
is rarely the case. Alternatively, the solution is more 
straightforward if the association constants are widely 
separated so that the unwanted form could be completely removed. 
Three cases will be demonstrated which differ only in the relative 
magnitudes of the association constants of the two steps.
Figure 3.1 shows the case where the step association constants 
are widely separated. Figure 3.2 has the step association 
constants closer and as the monoprotonated species is never present 
to more than 65%, it is impossible to measure its extinction 
coefficient directly although the other two extinction coefficients 
would be accessible. This is the case for the dibasic acids 
covered in this chapter. Although various mathematical 
procedures have been developed^to circumvent this problem 
they are all single wavelength techniques and tend to give 
different results at different wavelengths. It is also 
particularly difficult to apply them when, as in the cases here, 
the pH of the solution in unknown. If the two step association 
constants are equal, figure 3.3, the concentration of the 
monoprotonated species is almost negligibly small and unless it's
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extinction coefficient is considerably larger than those of 
either of the other two species it is extremely difficult to 
determine the two association constants for the system except 
by the use of a very powerful program such as SQUAD.
In order to derive the thermodynamic functions for any 
particular system a plot of Gibbs free energy, AG°, against 
temperature was constructed, where
AG° = -2.3026RT pK^'.
If this plot was curved then the computer program POLY was 
used to obtain an equation for the curve. This program required 
AG° values and their corresponding temperature,-values (in K) and 
fitted these to the polynomial
AG = a + bT + cT^ + dT^ + ........
using an overdetermined least-squares fit. The expansion was
2 3terminated at the cT term since the inclusion of the dT term
made no appreciable improvement to the degree of fit in terms
of the limits of experimental error. If the plot appeared to
be linear in terms of the likely errors then a least-squares
program was used to fit AG = a + bT.
3.2.2 DENSITY OF WATER
Since the molar scale was used both SQUAD and A2RA required 
the density of water at each experimental temperature as input 
in order to calculate the concentrations of the test solutions 
at each temperature, as opposed to the input concentration at
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298K for the former program and 2 93K for the latter. The 
following formula was incorporated into the programs:
Ct =
where = concentration (mol dm at the experimental
temperature,
= concentration (mol dm at 298K or 293K,
-3d^ = density of water (g cm ) at the experimental 
temperature and S.V.P. and
d^ = density of water (g cm ) at 2 98K, or 293K and 
1 atmosphere pressure
It was assumed that the solution expanded as would pure water. 
Values for the density of water as a function of temperature 
were calculated or interpolated from the specific volume data 
given in references 47, 102-104.
3.2.3 IONISATION CONSTANT FOR WATER
The work carried out on systems by adding hydroxide ions gave 
values for the equilibrium, pK^, and in order to convert this 
into an association constant for comparison with the other 
work and literature values the following was used:
PKw = PKfc + PKa
where pK^ = ionisation constant of water at the temperature at 
which pKj^  was determined. The values for pK^ as a function of 
temperature were taken from references 2 3 and 105.
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3.2.4 CORRECTION FOR IONIC STRENGTH TO 1^0
The ionic strength at which each acid was studied is given 
in table 3.1 but in order to compare the association constants 
obtained at this ionic strength with "I->0" values quoted in the 
literature, it was necessary to correct each constant at each 
temperature by the use of activity coefficients. The Debye- 
Huckel equation
log f ± = -Az^ z2 / I
1 +
can be used to calculate the mean ionic activity coefficients, 
f, where
A = 1.825 X loG /
2I = % Z c. Z. = ionic strengthi l l
£.106,107 = dielectric constant of water at temperature T (K)
p4? = density of water at temperature T(K)
z = modulus value of ionic charge
d = effective diameter of the ion and dB
depends on the value of d chosen; it usually has a value between
1.0 and 1.5 and is frequently close to unity.
This equation is usually used if the ionic strength is 
O.Olmol dm  ^or less^°^. For higher ionic strengths the Davies 
equation's may be more appropriate:
log f ± = -Az^z^S /T - 0.3l!
1 ^'1 + /I )
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At 298k a has the value 0,50. At temperatures other than 29 8K 
the appropriate Debye-Huckel A factor was used. The activity 
coefficients of the neutral or zwitterionic forms of a molecule 
were put equal to unity^G, therefore for h"*" + X ^ HX
K . =  (HX) .a
becomes
(H+) (X ) fg,. . f^ .
since fpjf-® f^ = f±. The value pK^' is referred to as the 
thermodynamic constant, and where it has been used to calculate 
further thermodynamic functions they are designated AG^, AH° etc, 
No correction was made to pK^2 for either nicotinic or picolinic 
acid for reasons already stated. It is not known with any 
certainty how well the Debye-Huckel factor. A, holds at 
temperatures greater than 37 3K, and this adds an amount of 
uncertainty to the pK^' values calculated at these high 
temperatures.
3.2.5 ANALYSIS OF THE TEMPERATURE DEPENDENCE OF THE 
ASSOCIATION CONSTANTS
In order to analyse the variation of pK^' with temperature
-1 -1van’t Hoff plots of pK^’ against T (K ) were constructed 
(figures 3.4 to 3.17). These could then be interpreted to 
give the enthalpy, entropy and heat capacity changes accompanying 
the reactions. Least-squares computer techniques have been used 
to fit equations to the van't Hoff plots and the thermodynamic 
parameters have been evaluated from the coefficients of the
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best-fit lines.
Three equations are coranionly used:
-RlnK = a/T +b (3.3)
-RlnK = a/T +b + clnT (3.4)
-RlnK = a/T +b + cT (3.5)
Equation (3.3) assumes ACp to be equal to zero, i.e., AH and 
AS are constant over the temperature range. In this case
AG = a + bT = -2.3026RT pK^
AH = a
and AS = -b with ACp - O
The Everett Wynne-Jones^^ equation assumes a constant, 
non-zero value for ACp over the temperature range, and equation 
(3.5), which is similar to that proposed by Harned and Robinson^®®, 
assumes ACp to be a linear function of absolute temperature. 
Simpson^s reviewed the applicability of the three equations and 
concluded that for a linear van't Hoff plot, equation (3.3) 
should be employed particularly when the high temperature 
apparatus is used. When curvature is displayed equation (3.5) 
was used but no comparison between (3.4) and (3.5) was given.
There are cases in the literature‘s ^  ^^ which employ (3.5) even 
though the plot of pK^ against T  ^ is linear in terms of likely 
experimental error. In this case (3.5) becomes:
AG = a + bT + cT%= -2.302 6RT pK^
so that AH = a - cT^
AS = -(b + 2cT)
and ACp = -2cT.
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The results given in section 3,4.3 have been calculated using 
the above equations with the calculated values of pK^' so that 
AG° = -2.302 6RTpK^.’ . The use of equation (3.4) was not considered 
here since (3.5) is easier to fit. The main difference between 
them is that (3.4) leads to constant values of ACp and (3.5) 
leads to temperature variant values of ACp. As the values of 
ACp reported here must be viewed with extreme caution because 
of the errors involved in their determination this difference 
was not considered important.
3.3 EXPERIMENTAL
3.3.1 ABSORBANCE MEASUREMENTS
The warm-up period of the solution in either type of cell, 
high temperature or standard, was followed by monitoring 
absorbance changes with time on a chart recorder. The absorbance 
measurements were made when constant absorbance had been reached.
If more than about 20 minutes was required to reach this state 
then it was likely that the solution was reacting by decomposition,
The reference solution was normally deionised water and was 
such unless otherwise stated.
The absorbance measurements made at temperatures below 35 3K 
(section 2.2) required no further correction since solutions were 
put into both the reference and the sample beams and the 
difference between them set to zero at a wavelength at which the 
sample did not absorb.
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At temperatures greater than 353K the absorbance measurements 
of sample and reference solutions had to be made separately 
(section 2.1.2). Occasionally slight leakage occurred from the
high temperature cell with the liquid forcing its way past the
teflon seals, and on evaporation, small deposits were then left 
on the windows. The deposits had unknown absorbance which 
appeared to be wavelength independent over the range of 
wavelengths used. This problem was minimised by the use of 
micrometers (section 2.1.4) and was allowed for by measuring 
the absorbance of a solution at a wavelength at which the 
compounds in the solution did not absorb, in addition to 
measurements at wavelengths of interest. The absorbance 
measurements of the cell filled with the reference solution 
were made at identical wavelengths to those used for the sample 
solutions and the true absorbance values of the latter solutions 
were then calculated using the following procedure.
The measured absorbance, A. of the sample solution at am
wavelength, 1, where it absorbs is made up of three components.
Am = A^s + Ai^ + Cl (3.6)
Ai® = true absorbance of the solution at wavelength 1
A^w = true absorbance of the windows at wavelength 1
C]_ = unknown absorbance of any material on cell windows.
The measured absorbance, A^, of the same solution at a 
wavelength, 2, at which it did not absorb is given by
A n  =  A 2 ^  +  C l  (3.7)
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^2^  “ true absorbance of window at wavelength 2.
The measured absorbances of the cell when filled with the 
reference solution Aj- and Ag, at the above wavelengths, 1 and 
2, are given by:
A^ = A^w + C2 (3.8)
Ag = A2^ + C2 (3.9)
where C2 = new unknown absorbance of any material on cell 
windows. Subtraction of equation (3.7) from equation (3.6) and 
equation(3.8) from equation (3.9) give
AfS + Ai^ - A2^ = A^ - A^ (3.10) and
A^w _ A2^ = A^ - Ag (3.11)
and the true absorbance of the solution at wavelength 1, A^® 
is given by the subtraction of equation (3.11) from equation 
(3.10):
= (^m “ “ (^ r “
and these four absorbances are all measured. Solutions with
appreciable deposits on the windows or requiring significant
correction were discarded and their measurement was repeated.
3.3.2 PROGRAM INPUT
The majority of the work described in this chapter was 
analysed by the program SQUAD (section 1.3). SQUAD required 
five experimental inputs:
(1) the number of solutions used 'N',
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(2) the total organic and mineral acid (or hydroxide ion)
concentrations of each solution,
(3) the number of wavelengths used, 'M',
(4) 'M' X 'N ' absorbance values, and
(5) the density of water at the experimental temperature.
The stoichiometries of expected complexes, initial estimates 
for the values of the association constants and codes to indicate 
those non-zero extinction coefficients which required calculation 
through the minimisation procedure, were also input. The values 
of the association constants and extinction coefficients 
together with their estimates of their standard deviations are 
calculated by SQUAD for three cases:
(a) all the solutions,
(b) all the solutions except that which contributed the most 
to the sum of the squares of the residuals, and
(c) all the solutions except the two which contributed the
most to the sum of the squares of the residuals.
This was done to find solutions which were contributing
disproportionately to the residuals, which could be caused by 
measurement error, input error, deposits on the cell windows, 
air bubbles or cell leaks. If a solution was found for which 
removal caused a large decrease in the sum of squares and 
change in the association constants then that solution was checked 
for input errors. If these were absent, then it was ignored in 
determining the best association constants. Case (a) was the 
one most frequently used. The only alternative method of 
reducing the standard deviations in pK values would be to discard 
the entire set of results and to repeat the measurements with
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fresh solutions until smaller deviations were found.
For 4-bromophenol and 4-chlorophenol the program A2RA was 
used (section 1.3) which required absorbance measurements at only 
one wavelength. However it also required the absorbance values 
of the protonated and deprotonated forms of the molecule as 
input which limits its use. Other input required is :
(1) the temperature, t°C,
(2) the density of water at 20°C and t°C,
(3) total ligand and acid concentrations of each solution,
(4) initial estimate for the value of the association 
constant,
(5) the number of solutions used, 'N',
(6) 'N' absorbance values.
3.3.3 EXPERIMENTAL CONDITIONS
Table 3.1 shows the temperature range over which each acid 
was studied and the prevailing constant ionic strength.
TABLE 3.1
TEMPERATURE RANGE AND IONIC STRENGTH OF ORGANIC
ACID STUDIES
Acid Lowesttemperature Highesttemperature
Ionic Strength 
(mol dm"3)
2-nitrobenzoic acid 288K 423K 0.01,NaCl3-nitrobenzoic acid 288K 473K 0.01,NaCl4-nitrobenzoic acid 288K 473K O.Ol,NaClo-phthalic acid 288K 460K 0.02,NaCl*8-hydroxyquinoline 278K 438K uncontrollednicotinic acid 288K 408K 0.05,NaClpicolinic acid 288K 378K 0.20,NaCl8-hydroxyquinoline 288K 378K 0.002,NaCl4-bromopheno1 288K 423K 0.002,NaCl4-chlorophenol 288K 348K 0.002,NaCl
*278k to 398K worked reported by Simpson‘s^  on protonation of nitrogen in 8-hydroxyquinoline.
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Table 3.2 shows the number of solutions and organic acid 
concentrations used at each temperature whilst tables 3.3 and
3.4 show the range of ionisable hydrogen ion concentration used 
and the added NaOH concentrations used.
TABLE 3.2
NUMBER OF SOLUTIONS AND ORGANIC ACID CONCENTRATION 
USED AT EACH TEMPERATURE
Acid Number of Solutions
Concentration 
(mol dm"3)
2-nitrobenzoic acid 7 1.499 X 10-4
3-nitrobenzoic acid 7 1.301 X 10-4
4-nitrobenzoic acid 7 0.743 X 10-4
o-phthalic acid 9 5.994 X 10-4
*8-hydroxyquinoline 7 3.900 X 10-4
nicotinic acid 10 2.046 X 10-4
picolinic acid 12 1.307 X 10-4
X8-hydroxyquinoline 7 3.900 X 10-4
4-bromophenol 8 4.628 X 10-4
4-chlorophenol 8 5.188 X 10-4
pK= determination * - pKy determination 
TABLE 3.3
ACID CONCENTRATIONS USED AT ALL TEMPERATURES
OrganicAcid
Total ionisable tiydrogen ion
Lowest concentration Highest concentration
2-nitrobenzoic acid 1.499 X 10-4 mol dm-3 9.536 X 10-3 mol dm-3
3-nitrobenzoic acid 1.301 X 10-4 mol dm-3 9.646 X 10-3 mol dm-3
4-nitrobenzoic acid 7.427 X 10-5 mol dm-3 5.328 X 10-3 mol dm-3
o-phthalic acid 2.028 X 10-4 mol dm-3 1.697 X 10-2 mol dm~3
*8-hydroxyquinoline 4.990 X 10-5 mol dm“^ 1.996 X 10-3 mol dm-3
nicotinic acid 1.044 X 10-4 mol dm-3 1.553 X 10-2 mol dm-3
picolinic acid 2.866 X 10-4 mol dm-3 2.011 X 10-1 mol dm” 3
* _ pK^ determination
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TABLE 3.4
NaOH CONCENTRATIONS USED AT ALL TEMPERATURES
Phenol Added NaOH concentrations
Lowest (mol d m ” 3) Highest (mol d m  ”3)
* 8-hydroxyquinoline 
4-bromophenol 
4-chlorophenol
4.980 X 10-5 
5.011 X 10-5 
7.015 X 10-5
7.470 X  10-4 
5.011 X  10-4 
7.517 X 10-4
* - pKj^  determination 
Table 3.5 gives the analytical wavelengths selected
TABLE 3.5
ANALYTICAL WAVELENGTHS USED FOR EACH COMPOUND
Compound Wavelengths (nm)
Number Start Finish In-stepsof Reference
2-nitrobenzoic acid 7 250 310 10 500
3-nitrobezoic acid 8 250 320 10 500
4-nitrobenzoic acid 8 240 310 10 500
o-phthalic acid 11 270 290 2 500
/8-hydroxyquinoline 10 270 360 10 510
nicotinic acid 7 244 268 4 500
picolinic acid 10 244 280 4 500
*8-hydroxyquinoline 12 295 350 5 500
+4-bromophenol 2 296 300 - 500
+4-chlorophenol 1 294 - - 500
/ - pK^ determination
* - pK^ determination
+ - A2RA used in computation
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3.4 RESULTS
3.4.1 ASSOCIATION CONSTANTS
A
2 - nitrobenzoic acid
COn-
NO,
CO2H
+ H  ' O
Temperature(K) logioK* Std, dev. p%'
288 1.93 0.05 2.02
293 2.05 0.06 2.14
298 2.11 0.01 2.20
305 2.16 0.02 2.25
323 2.28 0.03 2.38
335 2.39 0.03 2.49
348 2.55 0.06 2.65
360 2.61 0.04 2.71
368 2.67 0.01 2.78
373 2.72 0.05 2.83
398 2.85 0.06 2.97
423 3.00 0.12 3.13
* I = 0.01 mol dm”^
/ corrected using activity coefficients
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3-nitrobenzoic acid
CO
NO
+ H
NO
Temperature(K) log^oK* Std, dev. PSa"
288 3.44 0.01 3.53
298 3.40 0.02 3.49
305 3.39 0.01 3.48
323 3.42 0.00 3.52
348 3.43 0.02 3.53
373 3.48 0.09 3.59
398 3.50 0.05 3.62
423 3.62 0.04 3.75
435 3.76 0.01 3.90
460 3.84 0.05 4.00
473 3.99 0.05 4.16
* I = 0.01 mol dm-3
/ corrected using activity coefficients
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4-nitrobenzoic acid
O^N
COuHoo
Temperature(K) logioK* Std. dev. PKa'
288 3.32 0.01 3.41
298 3.31 0.01 3.40
312 3.31 0.01 3.41
323 3,33 0.00 3.43
348 3.38 0.01 3.48
373 3.47 0.01 3.58
398 3.55 0.01 3.67
423 3.68 0.02 3.82
435 3.75 0.02 3.89
448 3.80 0.07 3.95
460 3.86 0.03 4.02
473 4.01 0.01 4.18
* I =0.01 mol dm-3
/ corrected using activity coefficients 
Effect of ionic strength on log-] qK for 4-nitrobenzoic acid
Temperature(K) I (mol dm""3) Log^O^
298 0.01 3.31 3.40
298 0.05 3.30 3.47
298 0.10 3.18 3.39
298 0.50 3.17 3.43
423 0.01 3.68 3.83
423 0.05 3.64 3.92
423 0.10 3.55 3.90
423 0.50 3.41 3.85
/ corrected using activity coefficients
— 7 8 “
0“phthalic acid
o + H
CO CO
+ H . . ,K.
T(ïmperature(K) lO9l0%l* Std.dev. logio32* Std,dev. PK&2'^
288 4.65 0.05 7.48 0.03 5.13 2.95
298 4.69 0.05 7.50 0.08 5.17 2.93
305 4.65 0.05 7.40 0.05 5.14 2.87
323 4.76 0.06 7.64 0.06 5.28 3.00
348 4.91 0.08 7.83 0.06 5.46 3.05
373 5.15 0.11 8.10 0.09 5.75 3.09
398 5.25 0.05 8.36 0.04 5.90 3.27
423 5.41 0.08 8.59 0.05 6.13 3.36
435 5.50 0.10 8.70 0.08 6.25 3.38
448 5.55 0.08 8.77 0.07 6.35 3.42
460 6.56 0.29 9.85 0.28 — —
-3* I = 0.02 mol dm 
/ corrected using activity coefficients
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Nicotinic acid
+ H+
.CO
CO
CO
K.
+ H
COuHo K.
Temperature (K) 1^910^1'' Std.dev. logio ^ 2* Std.dev. PKal' ^ P%a2
288 4.78 0.01 6.90 0.05 4.95 2.12
298 4.72 0.02 6.71 0.07 4.89 1.99
303 4.68 0,01 6.67 0.04 4.85 1.99
318 4.63 0.02 6. 60 0,06 4.81 1.97
333 4.57 0.01 6.58 0.05 4.76 2.01
348 4.47 0.02 6.45 0.04 4.66 1.98
363 4.39 0.03 6.35 0.05 4.59 1.96
378 4.24 0.10 6.24 0.17 4.45 2.00
393 4.14 0.05 6.17 0.13 4.37 2.03
408 4.10 0.08 6.22 0.19 4.34 2.12
* I = 0.05 mol dm"3
/ corrected using activity coefficients
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Picolinic acid
+ H K.
H+___________ _
MO CCUH K.
Temperature (K) logioKi* Std.dev logio62* Std.dev PKal'^ P%a2
288 4.83 0.03 5.77 0.11 5.08 0.94
298 4.83 0.02 5.73 0.15 5.08 0.90
303 4.74 0.09 5.57 0.10 5.00 0.83
318 4.70 0.08 5.57 0.09 4.97 0.87
333 4.62 0.08 5.34 0.11 4.90 0.72
348 4,61 0.07 5.48 0.10 4.90 0.87
363 4.82 0.07 5.42 0.07 5.12 0. 60
378 4.81 0.05 5.48 0.26 5.13 0.67
* I = 0.20 mol dm“^
/ corrected using activity coefficients
o o
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8-hydroxyquinoline
+ OH O o
Temperature (K) logioK^* Std.dev. Io9l0%a PKa'^
288 4.07 0.01 10.28 10.32293 3.99 0.01 10.01 10.05303 3.97 0.01 9.86 9.90318 3.79 0.02 9.61 9.65333 3.67 0.02 9.35 9.40348 3.41 0.02 9.29 9,34363 3.01 0.09 9.31 9.36378 3.05 0.18 9.13 9.18
K,
* I = 0.002 mol dm-3
/ corrected using activity coefficients
8 -hydroxyquinoline
O o oo
Temperature (K) loSlO^a Std. dev.
278 5.14 0.02 /
288 5.02 0.02 /
298 4.88 0.02 /
323 4.55 0.02 /
348 4.28 0.02 /
373 4.09 0.02 /
398 3.81 0.04 /
423 3.47 0.01
4 30 3.34 0.06
438 3.20 0.04
/ Reference 4 9 
I was not controlled
K
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4-bromophenol
OH
+ OH
Br Br
+ H^O K,
Temperature(K) logioKb* Std,dev. logiO^a P%a' ^
288 4.25 0.06 10.10 10.14
298 4.18 0.10 9.82 9.86
303 4.10 0.05 9.73 9.77
318 3.94 0.04 9.46 9.50
333 3.73 0.18 9.29 9.34
348 3.63 0.05 9.07 9.12
363 3.53 0.09 8.79 8.84
378 3.39 0.10 8.79 8.84
393 3.27 0.07 8.71 8.77
408 3.05 0.05 8.75 8.81
423 3.03 0.06 8.61 8.67
* I = 0.002 mol dm~^
/ corrected using activity coefficients
4-chlorophenol
+ OH
Cl Cl
+ H^O K,
Temperature(K) Std.dev. logiO^a pKa' /
288 4.42 0.09 9.93 9.97
298 4.26 0.09 9.74 9.78
303 4.20 0.13 9.63 9.67
318 4.00 0.07 9.40 9.44
333 3.83 0.07 9.19 9.24
348 3.67 0.10 9.03 9.08
* I = 0.002 mol dm-3
/ corrected using activity coefficients
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3.4.2 VAN'T HOFF PLOTS
1 - 1 - 1  Van't Hoff plots, pK  ^against T (K ) are shown as follows
2-nitrobenzoic acid
3-nitrobenzoic acid
4-nitrobenzoic acid
o-phthalic acid
8-hydroxyquinoline (protonation of N)
nicotinic acid
picolinic acid
8-hydroxyquinoline
4-bromophenol
4-chlorophenol
figure 3.4/ 
figure 3.5 
figure 3.6 
figures 3.7 & 3.8 
figure 3. i6
figures 3.10 & 3..9 
figures 3.12 & 3.11 
figures 3.14* & 3.13 
figure 3.16 
figure 3.17
* pK^ V t ” ^ (k "^)
/ also shows results by Schaller^^ in 1898
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FIGURE 3.4 VAN'T HOFF PLOT OF 2-NITROBENZOIC ACID
Schaller, 1898
This work
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FIGURE 3.5 VAN'T HOFF PLOT OF 3-NITROBENZOIC ACID
4.1
4.0
3.9
3.7
.5
.3
2.0 2.5 3.0 3.5
lO^ /T (K'l)
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FIGURE 3.6 VAN'T HOFF PLOT OF 4-NITROBENZOIC ACID
pKa'
4.2 -
4.0 -
3.8 -
3.6 -
3.4 -
2.0 2.5
— p.3.0 “T"3.5
lO^/T (K'T)
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VAN'T HOFF PLOT OF O-PHTHALIC ACID (pK.i)FIGURE 3.7
4.8
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FIGURE 3.8 VAN'T HOFF PLOT OF O-PHTHALIC ACID (pK ^ j
pKa-2
3.5
3,4
3,3 • 
3,2 - 
3.1 _
3.0 —
2,9 -
2,8 -
2.7 -
2.6
O
2.0 2,5 3,0
103/T (K-1) 3.5
— 8 9 “
FIGURE 3.9 VAN'T HOFF PLOT OF NICOTINIC ACID ( p K .i)
5.0
4.8
4.6
4.4
4.2
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FIGURE 3.10 VAN'T HOFF PLOT OF NICOTINIC ACID (pK^o)
2 .1 0 -
2.00- 0-0
1.90-
1.80
FIGURE 3.11 VAN'T HOFF PLOT OF PICOLINIC ACID (pK '^i 10^ /1
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FIGURE 3.12 VAN'T HOFF PLOT OF PICOLINIC ACID ( p K ^o^
1.0 .
0.9 -
0.8
0.7 -
0 .6  -
0.5 2.0 3.0 3.5 
lO^ /T (K'1)
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FIGURE 3,13 VAN'T HOFF PLOT OF 8-HYDROXYQUINOLINE (pK *)   ------------------------
10.3 -I
3.0
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FIGURE 3.14 VAN'T HOFF PLOT OF 8-HYDRQXYQUINQLINE (pK^)
4.2
4.0
3.8
3.6
3.4
3.2
.0
.8
.6
3
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FIGURE 3.15 VAN'T HOFF PLOT OF 8-HYDRQXYQÜINOLINE ( p K J
6.0
5.0
4.0
.0
.0
2.0 2.5 3.0 3.5
lO^ /T (K-1)
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FIGURE 3.16 VAN'T HOFF PLOT OF 4-BROMOPHENOL
pKa
10.2
10.0  -
9 . 4 -
8.6 “
9 6 —
FIGURE 3.17 VAN'T HOFF PLOT OF 4-CHLOROPHENOL
10.0
p K a ’
.8
.6
.4
.2
.0
lO^ /T (K-1)
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Plots of AG^ (KJ mol against e  ^are shown as follows
2~nitrobenzoic acid
3-nitrobenzoic acid
4-nitrobenzoic acid 
o-phthalic acid 
nicotinic acid
4-bromopheno1 
4-chlorophenol
figure 3.18 
figure 3.19 
figure 3.20 
figures 3.21 & 3.22 
figues 3.23 
figure 3.24 
figure 3,25
— 9 8 “
FOR 2-NITRGBENZOIC ACIDFIGURE 3.18
-  AG^  
[kJ mol
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FTRIIRE 3.19 PLOT OF - A 6° V £~' FOR 3-NITROBENZOIC ACID
-AG"
( kJ mol -1
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FIGURE 3.20 PLOT OF -aG'^  v e ' FOR 4-NITROBENZOIC ACID
-AG""
( k J mol “ 1
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FIGURE 3.21 PLOT OF - A G i °  v e “ ‘ FOR O-PHTHALIC ACID
( KJ mol
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FIGURE 3.22 PLOT OF -AG?° v FOR O-PHTHALIC ACID
-AGg (KJ mol
r
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FOR NICOTINIC ACIDFIGURE 3.23 PLOT OF -AGi
-AG]"[kJ mol
32 "
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FIGURE 3.24 PLOT OF -6GT V FOR 4 BROMOPHENOL
-AG"
( k J mo 1
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FIGURE 3.25 FOR 4-CHLOROPHENOL
-AG"
( k J mo] -1
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3.4.3 DERIVED THERMODYNAMIC FUNCTIONS
The following results were obtained from the best-fit
-1 -1lines of the plots pK^' against T (K ) and therefore are
given the superscript Where this superscript does not
appear, the value of pK^ was not corrected using activity 
coefficients.
2-nitrobenzoic ovc/cL f"
AH° = 18.4 ± 
AS° = 103 ±
0.5 kJ mol ^
-1 -16 J K mol
Temperature (K) -AG° (kJ mol~^)
288 11.1 ± 0.4
293 12.0 ± 0.5
298 12.6 ± 0.5
305 13.1 ± 0.5
323 14.7 ± 0.6
335 16.0 ± 0.6
348 17.7 ± 0.7
360 18,7 ± 0.7
368 19.6 ± 0.8
373 20.2 ± 0.8
398 22.6 ± 0.9
423 25.4 ± 1.0
./ In this case the pK^' v T  ^plot was approximately 
linear. A non-weighted least squares treatment was used. 
Since the ordinate was logarithmic it may have been more 
appropriate to useaweighted treatment (see section 4.5) but 
the error in pK^' is fairly high.
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3-nitrobenzoic acid
r Temperature (K) - AG° (kJ mol ) AH°. (kJ mol"^) AS°(J K-1 mol-1) ACp°  ^(J K-1 mol )
288 19.5 - 5.7 48 150
298 19.9 - 4.2 ± 1.1 53 ± 9 155 ± 43
305 20.3 - 3.1 57 159
» 323 21.8 - 0.1 66 168
348 23.5 4.2 79 181
373 25.6 8.9 92 194
398 27.8 13.9 105 207
423 30.4 19.3 118 220 ± 61
435 32.5 22.0 124 226
460 35.2 27.8 137 239
473 37.7 30.9 144 246
► 4-nitrobenzoic acid
- AG° AH° AS° ACp°
t Temperature (K) (kj mol (kJ mol (J K"^’mol“ )^ (J k"^ mol"^
k 288 18.8 - 2.2 58 134
298 19.4 - 0.8 ± 1.0 63 ±3 139 ± 11
312 20. 3 1.1 69 145
k 323 21.2 2.8 74 151
348 23.2 6.7 86 162
373 25.6 10.9 98 174
398 28.0 15.4 109 186
423 30.9 20.2 121 197
435 32.4 22.6 126 203
448 33.9 25.3 132 209
460 35.4 27.8 138 214
473 37.9 30.7 144 221 ± 27
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O-phthalic acid
Temperature (K) -(kj
AHi°
(kJ mol"^)
AS^°
(J mol"^)
ACp.°
-1 -1(J K mol )
288 26.2 8.3 119 95.7
298 27.4 9.3 ± 2 123 ± 19 99.0 ± 74
305 27.9 10.0 125 101
323 30.2 11.9 131 107
348 33.6 14.7 139 116
373 37.8 17.7 148 124
398 41.2 20.9 156 132
423 45.2 24.3 164 141
435 47.3 26.0 168 145
448 49.2 27.9 173 149
Temperature (K) -AGg^ 
(kJ mol
AH^O
(kJ mol
AS2°
(J k“  ^mol”-^)
ACp2*^
-1 -1(J K mol )
288 16.2 2.6 65 70.3
298 16.7 3.3 ± 2.0 67 ± 19 72.7 ± 74
305 16.8 3.8 69 74.4
323 18.6 5.2 73 78.8
348 20.3 7.2 79 84.9
373 22.1 9.4 85 91.0
398 24.9 11.8 91 97.1
423 27.1 14.3 98 103
435 28.1 15.6 100 106
448 29.3 17.0 104 109
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Nicotinic acid
AH. o 11.8 ± 0.7 kJ mol-1
AS 54 ± 3 J mol“^
Temperature (K) - AG^° (kJ mol"^)
288 27.4 ± 0.6
298 27.8 ± 0.6
303 28.1 ± 0.6
318 29.2 ± 0.7
333 30.3 ± 0.7
348 31.0 ± 0.7
363 31.8 ± 0.7
378 32.2 ± 0.7
393 32.8 ± 0.7
408 33,8 ± 0.8
AH,
AS. 38JK“  ^mol”^
AG. 12.5 kJ mol"^ at 298K
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8-hydroxyquinoline
Temperature (K) -AG° ^ 
(kJ mol~'l')
-AH° ^ 
(kJ mol~l)
AS ^-1 -1(J K mol )
ACd ^
-1 -1(J K mol
288 56.9 44 ± 4 46 ± 10 428 ± 125
298 57.3 39 ± 3 61 ± 8 448 ± 128
303 57.4 37 ± 2 68 ± 7 450 ± 131
318 58.8 30 ± 1 90 ± 4 472 ± 138
333 59.9 23 ± 2 113 ± 7 495 ± 144
348 62.2 15 ± 4 135 ± 10 517 ± 150
363 65.1 7 157 539
378 66.4 - 1 180 561
/ based on pK^’.
For the protonation of the nitrogen atom 
278K to 398K49 AH° = 23 ± 1 kJ mol ^
o -1 -1AS = 15 ± 3 J K mol
ACp° = 0
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4-bromopheno1
Temperature (K) - AG°(kJ mol"-^ -)
- AH° 
(kJ mol
AS°
(J k“  ^mof^)
ACp°
(J K ^  mof^)
288 55.9 39.2 57 225
298 56.0 36.9 ± 5 65 ± 16 233 ± 78
303 56.4 35.7 69 237
318 57.8 32.1 81 248
333 59.5 28.3 92 260
348 60.8 24.3 104 272
363 61.4 20.1 116 283
378 64.0 15.8 128 295
393 66.0 11.3 139 307
408 68.8 6.60 151 318
423 70.2 1.73 163 330
4-chlorophenol
AH° = -28.5 ±0.9 kJ mol"^
AS 91.5 ± 2.7 J k"^ mol^
Temperature(K) -AG° (kJ mol"^)
288 55.0
298 55.8
303 56.1
318 57.4
333 58.9
348 60.5
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3.5 ERRORS
The standard deviation values given alongside the log^^K 
values in section 3 . 4 . 1  are derived from the input data/ and 
the calculated best-fit data by the computer program S Q U A D  or 
A 2 R A .  They make no allowance for experimental error in 
weighings, volumetric solution preparation, dilution, absorbance 
measurements etc.. The reliabilities of the spectrophotometers 
used and the availability of direct reference measurement meant 
that the uncertainty in the absorbance measurements is smaller 
below 3 6 3 K ,  Theoretically all the spectrophotometers are 
accurate to ± 0.002 absorbance units, however the modified 
S P 1 8 0 0  did not always perform within its specified limits but 
it was probably reliable to ± 0 . 0 0 4  absorbance units at worst.
The error figures given in section 3.4.3 for the 
thermodynamic functions are derived from the standard deviation 
of fit for the pK^' against T  ^plot if this plot was linear. 
Where they were non-linear, results were fitted to the polynomial 
expansion, discussed in section 3.2.1.It is well known^^ that 
the error in ACp is particularly large using this procedure 
with pK^' values derived from spectrophotometric data and 
because of this the ACp values reported must be questionable 
with the possible exception of 4-nitro-and 3-nitrobenzoic acids 
which have the best defined pK^ values (section 3.6.2). The 
standard deviations in thermodynamic functions have been 
estimated using a procedure outlined by King^^ for equally 
spaced temperature intervals. Previous applications^^ used a 
very limited temperature range with the mean temperature at, or
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close to, 29 8k where the deviations in AH and AS would be 
least. In all the experiments reported here the mean temperature 
was much higher than 298K so that at 298K, an extreme temperature, 
the calculated standard deviations in AH and ‘.AS are at their 
greatest; the deviation in ACp would increase with increasing 
temperature. Another disadvantage is that the method does not 
allow the low temperature data, which were the most precise, 
to be favourably weighted in the analysis. However, the method 
was applied to eight temperatures for 4-nitrobenzoic acid with 
pK ' ± 0.02, and six temperatures for 3-nitrobenzoic acid with 
pK^' ± 0.04, separated by 25K intervals to give the deviations 
given in section 3.4.3. The changes in all three thermodynamic 
quantities appear to be significant. For phthalic acid 
(pK^’ ± 0.10) seven temperatures were available but AH and AS 
are less well defined because of the greater uncertainties 
introduced in pK^'. The values for ACp are given but in view 
of the errors these values are not significantly different 
within each stage of association. It was also applied to ten 
temperatures for 4-bromphenol and seven temperatures for 
8-hydroxyquinoline, both at 15K intervals. The errors in the 
thermodynamic functions AH^ and AS° for both are reasonable 
(ca ± 14% in AH°) but are again less well defined than some 
others because of the greater uncertainties in pK^'. The 
analysis shows that the changes in ACp° are not significant.
Thermodynamic functions were not calculated from the 
association constants of picolinic acid because of the 
uncertainties in their values, the small temperature range 
over which it was 'Studied, and the relatively poor pK^^ and 
pK_' against T  ^plots.Cl Z
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3.6 DISCUSSION
Kartell and Smith^®° have tabulated critical stability
constants and these are used to a great extent in the following
comparisons. The criteria which they used to select data for
inclusion were:
a) if several results from different sources were in close 
agreement for a particular constant then an average 
value was selected, with the uncertainty giving the 
range of reliable results;
b) where there was poor agreement or few results available 
the selection of data was guided by comparison with 
values obtained for other ions and the same ligand, or 
by the experience and reliability of the research group 
or method of determination;
c) single investigations were reported unless there was 
real doubt on their validity;
d) only data obtained from experiments where both temperature 
and ionic strength were controlled and the purity of the 
ligand was certain, were selected;
e) zero ionic strength values were reported but these made 
certain assumptions in their extrapolation or 
calculation from measured values;
f) AH values selected were determined either calorimetrically 
or by the temperature variation method from cells without
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liquid junction and were considered of equally high 
validity and for the rest the most accurate, reliable 
values were also reported;
g) AS values were calculated using either AG = AH - TAS, 
or AS = 3.36 (1.3631og^gK + AH) at 298K.
3.6.1 COMPARISON WITH LITERATURE VALUES
2-nitrobenzoic acid
Table 3.6 shows values of log^^K determined by other 
workers.
Table 3.6
PROTON ASSOCIATION CONSTANTS FOR 2-NITROBENZOTC ACID
Temperature(K) Ionic Strength logioK Reference
*
298 0 2.179+0.006 100
298 - 2.19 41
It 298 0 2.20 ± 0.01 this work
372 - 2.81 41
373 0 2.83 ± 0.05 this work
These results are in excellent agreement and Schaller^^ is 
the only worker who has taken the study to temperatures 
above 298K. Table 3.7 gives the values of the critical 
thermodynamic functions from Kartell and Smith^^*^, The 
markedly positive enthalpy change for the association reaction 
is the main couse. of the abnormally high acid strength at
- 116 -
TABLE 3.7
E N T H A L P Y  A N D  E N T R O P Y  O F  P R O T O N A T I O N  F O R  2 - H I T R O B E N Z O I C
A C I D  A T  I -  0
AH° (kJ mol-1) AS° (JK-1 mol"^ Reference
+ 14 .1 
+18.4 ± 0.4
+ 89.1 
+103 ± 6
100 
this work
room temperature. Our results have been interpreted in terms 
of a temperature-invariant value of AH because the likely 
errors did not justify a more complex treatment. It is claimed
,othat AH (298k ) is higher than the critical value^uu ^nd there 
is need to redetermine pK^ by a potentiometric method and AH° 
by calorimetry. The critical values of AH and AS were 
calculated from mean pK^ values obtained conductimetrically at 
different dilutions but the original paper by Schaller shows 
clear evidence of small byt regular changes in pK^ with 
dilution. Figure 3.4 shows Schaller's values for the most 
dilute solutions. The critical values of AH and AS were 
t obtained from the equation (3.4) which assumes a constant.
non zero value of ACp .
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3-nitrobenzolc acid 
Tables 3.8 and 3.9 show the literature values for this system,
TABLE 3.8
PROTON ASSOCIATION CONSTANTS FOR 3-NITROBENZOTC ACID
Temperature (K) Ionic Strength(mol dm ^ logioK Reference
298 0 3.449 ± 0.001 100
298 0 3.48 109
298 0 3.49 ± 0.02 this work
298 0.0107 3.397 ± 0.005 109
298 0.01 3.40 ± 0.02 this work
TABLE 3.9
ENTHALPY AND ENTROPY OF PROTONATION FOR 3-NITROBENZOIC
ACID AT 2 98K and 1 ^ 0
»
-A.H°{kJ mol"^) a:s°{j k"^ mol~^ Reference
4 1.55 ± 0.2 61.1, 100
1.76 ± 0.1 60.3 ± 0.3 110
1.59 - 111
4.2 ±1.1 53 ± 9 this work
In general, the critical values were obtained from more 
precise measurements of pK^ than in this work but from much 
smaller temperature ranges. AH was obtained directly from 
calorimetryiii and also from polynomial fits for pK^' and
T 1 1 0 The agreement between AH from this work and the
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critical value is not good but is reasonable for AS,
4-nitrobenzoic acid
Tables 3.10 and 3.11 show the literature values for this 
system.
TABLE 3.10
PROTON ASSOCIATION CONSTANTS FOR 4-NITROBENZOIC ACID
Temperature (K) Ionic Strength logioK Reference
298 0 3.442 ± 0.001 100
288 0 3.448 112
293 0 3.444 112
298 0 3.441 112
288 0 3.41 ± 0.01 this work
298 0 3.40 ± 0.01 this work
The agreement between the values is reasonably good; the 
results of Wilson et al^i^ were spectrophotometrically 
determined and those of Bolton et al i^o were from an indicator- 
spectrophotometric method and polynomial fits for pK^' and T.
TABLE 3.11
ENTHALPY AND ENTROPY OF PROTONATION FOR 4-NITROBENZOIC
ACID AT I 0
Temperature(K) -AH°(kJ mol"^) AS°(J K ^  mof^) Reference
298 1.80 ± 1.3 59.8 100288 1.81 ± 0.10 59.41 ± 0.29 112293 1.16 ± 0.10 61.93 ± 0.29 112298 0.51 ± 0.10 64.13 ± 0.29 112298 1.81 ± 0.15 59.43 ± 0.50 110288 2.2 58 this work298 0.8 ± 1.0 63 ± 3 this work
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0-phthalic acid
Tables 3.12 and 3.13 show the literature values for o-phthalic 
acid. The thermodynamic constants of Lumme and Kari^^ are 
calculated from their determinations at four ionic strengths 
in the range 0.2556 to 2,0150 mol dm  ^ and their value for 
logio^i, at I = 0.057 mol dm ^, is higher than that found here; 
this constant is highly ionic-strength dependent. The log^^Kg 
values are in good agreement but the differences in log^^K^are 
on the limit of significance and this can only be explained 
by their poor definition, which is also shown in the
values.
TABLE 3.12
PROTON ASSOCIATION CONSTANTS FOR O-PHTHALIC ACID
Temperature(K) Ionic Strength logioKi Reference
298 0 5.408 2.955 100
298 _30.1 mol dm 4.93 ± 0.01 2.75 ± 0.01 100
288 0 5.348 2.917 99
293 0 5.356 2.920 99
298 0 5.358 2.927 99
308 0 5.375 2.948 99
298 0.057 mol dm ^ 4.963 2.697 99
303 0.1 mol dm ^ 4.-97 2.80 113
288 0 5.13 ± 0.05 2.95 this work
298 0 5.17 ± 0.05 2.93 this work
305 0 5.14 ±0.05 2.87 this work
305 0.'02 mol dm ^ 4.65 ± 0.05 2.75 this work
Lumme and Kari^^ found that the thermodynamic values of the 
protonation constants varied so little with temperature that 
the dependence was assumed to be linear, i.e. pK^' = a + bT.
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TABLE 3.13
ENTHALPY AND ENTROPY OF PROTONATION FOR O-PHTHALIC ACID
ACID AT 1-5-0
Temperature (K)»
AHi°
(kJ mol (J K~'l:mol"^ )
AH2° 
(kJ mol~^)
ASp°-1 -1( J K mol
Reference
298 2.09 ± 0.17 110 2.68 + 0.04 65.3 100
288 2 .10 ± 3 110 ± 10 2.56 ± 3 64.8 ±10 99
293 2.17 + 3 110 ± 10 2.65 ± 3 6 4.8+10 99
298 2.25 ± 3 110 ± 10 2.74 ± 3 65.3 +10 99
308 2.40 ± 3 111 ± 10 2.93 ± 3 66.1+10 99
288 8.3 119 2.6 65 this work
298 9.3 ±2 123 ± 19 3.3 ± 2 67 ± 19 this work
305 10.0 125 3.8 69 this work
Nicotinic acid
Tables 3.14 and 3.15 show the literature values for this acid.
c
CO
and K2 are the macroscopic equilibrium constants for the 
equilibria reported and they are related to the microscopic 
equilibrium constants, shown above and measured by some workers, 
by
1/K^ = 1/k^ + 1/k^ and =
When the zwitterion is the predominant species, e.g. glycine.
then K. = k and = k , ± c 2 a The equilibrium constant is
simply the ratio of zwitterion to the neutral molecule and is 
found to be 15^^^ for picolinic acid.
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There is little change in across the temperature
range used when the errors are taken into consideration and 
therefore AH2 is taken to be approximately zero. No corrections 
were made for pK^2 by the use of activity coefficients with the 
assumption that the activity coefficient of the zwitterion^^ 
is approximately unity:
K'^2 = Ka2.f(H2L^).f(HL-)"l.f(H^)"l  ^ ^a2
where f is an activity coefficient. This is supported by 
Christensen et al^^  ^ who found that AH2 was ionic-strength 
independent in the range I = 0.01 to 0.09 mol dm  ^at 2 98K
The protonation of the nicotinate anion, pK^^, was taken 
to be an isoelectric reaction based on the assumption of the 
formation of the zwitterion, and therefore the analysis of this 
work was to give temperature-invariant values of AH^° and AS^°.
TABLE 3.14
PROTON ASSOCIATION CONSTANTS FOR NICOTINIC ACID
Temperature (K) Ionic Strength 10910%! iogio^2 Reference
298 0 4.81± 0.03 2.05 ± 0.03 100
298 0.1 mol -3dm-3 4.67 - 100298 0.03 mol dm 4.75 ± 0.02 2.09 ± 0.02 116
not given 0 4.81 2.07 114
298 0 4.62 2.19 117
298 0 4.89 ± 0.02 1.99 ± 0.09 this work
298 0,05 mol -3dm 4.72 ± 0.02 1.99 ± 0.09 this work
- 122 -
TABLE 3.15
ENTHALPY AND ENTROPY OF PROTONATION FOR NICOTINIC ACID
AT 298K AND I->0
-AHi°
(kJ mol
AS.°-I -1( J K mol )
-AH2° 
(kJ mol
AS_°-1 -1(J- K mol ]
Reference
11.7 ± 1 50 3.3 29 100
11.34 ± 0.29 54.0 3.32 ± 0.21 28.9 115
10.75 55.24 - - 118
11.8 ± 0.7 54 ± 3 0 38 this work
Hughes, Jellinek and Ambrose^made spectrophotometric 
measurements on aqueous solutions of nicotinic acid which 
led them to conclude that the zwitterion species, HNRCO2 , 
was not present as the base dissociation constant of the 
nicotinic acid was considerably smaller than that of pyridine 
but the acid dissociation was not appreciably different from 
that of benzoic acid. Later investigations by Evans, Herrington 
and KynastonllG to reliable pK values (macroconstants).
Jaffe's theoretical considerations^^^, based on the Hammett 
equation, led him to suggest that the zwitterion is more, 
rather than less, prevalent than the tautometer, NRCO^H. Platt^^! 
had earlier included nicotinic acid in a study of the 
"spectroscopic moments" of a large number of substituent groups 
and suggested that observed anomalous intensities in the 
UV-spectrum of nicotinic acid may be due to zwitterion formation. 
In a reinterpretation of reported data and an analysis of 
isonicotinic acid methyl betaine, Black^^z concluded in favour 
of zwitterion formation which was further supported by Green 
and Tongii^, They determined the macroconstant pK values for
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all three pyridine carboxylic acids and evaluated microconstants 
by combining the separately determined pK values for the 
methyl esters. Their results^indicate the presence of the 
zwitterion to an extent at least 9 6% in aqueous solution, 
Stephenson and Sponer^^^ provided additional spectroscopic 
information which supplemented that of Green and Tong^i^^ and 
Millero, Ahluwalia and Hepler^^® found that the entropies of 
ionisation are less negative than expected for the NRCOgH 
species which led them to support the formation of the 
zwitterion. Our work gave a linear van't Hoff plot which 
indicates that the first stage of association is isoelectric, 
i.e. a zwitterion is formed:
NRCOg" + h"^  ^ "^ HNRCO^ "" ............  .
DeLorenzo and Kowalak  ^^ ^ base their decision on the first 
dissociation of picolinic acid, and therefore probably nicotinic 
acid, yielding the neutral molecule on their findings that 
an increase in dielectric constant of the solvent has a very 
small effect, as expected if a neutral molecule is formed, on
Picolinic acid
Table 3.16 shows the literature values for this work.
Picolinic acid was studied as an extension of the nicotinic 
acid work but reliable results, particularly for log^ ^Kj^, 
could not be obtained for reasons which will be discussed 
later.
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TABLE 3.16
PROTON ASSOCIATION CONSTANTS FOR PICOLINIC ACID
Temperature(K) : Ionic Strength (mol dm“3) logio^i ^°9l0^2 Reference
' 298 0 5.39 ± 0.01 1.01 ± 0.02 100
298 0.1 5.21 ± 0.01 1.03 100
298 0.5 5.17 ± 0.01 0.86 ± 0,02 100
298 0.03 5.32 ± 0.01 1.08 ± 0.01 116
293 0 5.40 - 124
293 0.01 - 1.60 124
not given 0 5.32 1.01 114
^98 0.02 5.50 2.01 123
313 0.02 5.61 1.99 123
298 0 5.08 ± 0.02 0.90 ± 0.17 this work
298 0.2 4.83 ± 0.02 0.90 ± 0.17 this work
318 0 4.97 ± 0.08 0.87 ± 0.17 this work
318 0.2 4.70 ± 0.08 0.87 ± 0.17 this work
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8-hydroxyquinoline
Tables 3.17 and 3.18 show the literature values for the 
proton association of the phenolic group.
TABLE 3.17
PROTON ASSOCIATION CONSTANTS FOR 8-HYDROXYQUINOLTNE
Temperature (K) Ionic Strength (mol dm“3) lo^lO^a Reference
298 0 9.81 ± 0.01 100
298 0 9.805 125
298 0 9.819 125
298 0 9.814 125
293 0.1 9.85 ± 0.05 126
298 0 10.05 ± 0.01 this work
The value of AH was large and negative as expected but more 
negative, as AS° was more positive, than the critical literature 
valueioo^ This was because of the higher value found for the 
association constant.
TABLE 3.18
ENTHALPY AND ENTROPY OF PROTONATION FOR 8-HYDRCXYQUINOLINE
AT 29 8K
Ionic Strength - AH(kJ mol"^) AS (J mol“ )^ Reference(mol dm“ )^
0.1 29.29 87.86 100*0 39 ± 3 61 ± 8 this work
* temperature range 29 3 - 298K
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4-bromophenol
Tables 3.19 and 3.20 show the literature values for the proton 
association of the phenolic group.
TABLE 3.19
PROTON ASSOCIATION CONSTANTS FOR 4-BROMOPHENOL AT T+0
Temperature (K) Reference
298 9.35 ± 0.1 100
288.3 9.481 42
296.8 9.366 42
318.5 9.073 42
331.8 8.947 42
288 10.14 this work
298 9.86 this work
318 9.50 this work
333 9.34 this work
The computation of log^^K values was carried out using the 
program A2RA.
TABLE 3.20
ENTHALPY AND ENTROPY OF PROTONATION FOR
4-BROMOPHENOL AT 298K AND 1^0
-AH°(kJ mol“ )^ AS° (JK"^mol“ )^ Reference
24.02 
36.9 ± 5
298.33 
65 ± 16
42
this work
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4-chloropheno1
Tables 3.21 and 3.22 show the literature values for the proton 
association constant of the phenolic group.
The computer program A2RA was again used. The equilibrium 
constants and derived enthalpy and entropy changes for the 
halo-phenols are very similar to those of phenol‘s ^ itself 
where log^^K = 9.971(297.IK), AH = -22.89kJ mol  ^and 
AS = 113.9 J k“  ^mol“ .^
Although figure 3.17 shows evidence of slight curvature, 
a straight line was chosen because the inaccuracies in the 
results are such that it is difficult to give either preference,
TABLE 3.21
PROTON ASSOCIATION CONSTANTS FOR 4-CHLOROPHENOL AT 1-5^0
A Temperature(K) Reference
298 9.42 100
289.1 9.564 42
299.1 9.406 42
320.4 9.164 42
332.5 9.045 42
288 9.97 ± 0.09 this work
298 9.78 ± 0.09 this work
318 9.44 ± 0.07 this work
* 333 9.24 ± 0,07 this work
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TABLE 3.22
ENTHALPY AND ENTROPY OF PROTONATION FOR 4-CHLOROPHENOL
AT 2 98K AND I-5-0
■if -AH° (kJ mol )^ AS° (JK"^mol“ )^ Reference
2 3 . 4 3  
2 3 . 9 7  
2 8 i 5  ±  0 . 9
1 0 0 . 4 2  
1 0 0 . 0 0  
9 1 . 5  ±  2 . 7
1 0 0
4 2
this work
For several of the systems studied here the critical 
values at 2 98K are to be preferred over ours because the 
determinations were more precise but at temperatures greater 
than 333K there are no other literature values. At low 
temperatures changes in AH and AS are often small since pK^ 
changes little with increase in temperature but there is no 
doubt that the changes in AH are much greater above 373K.
3.6.2 INTERPRETATION OF RESULTS
The 4-nitrobenzoic acid gave the best fit between 
experimental and computed spectra because the observed 
absorption envelope, 240 to 310nm, was well-separated from 
the tail of a much more intense short wavelength absorption.
For 3- and 2- nitrobenzoic acids the envelope shifted 
progressively to shorter wavelength (figure 3.26), so that for 
the latter there was appreciable mixing of the short and longer 
wavelength absorptions and the problem was enhanced at higher 
temperatures by movement of the absorption peak to shorter
* m
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FIGURE 3.26
SPECTRA OF 2-, 3-, AND 4-NITROBENZOIC
ACIDS
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FIGURE 3.27
SPECTRA OF O-PHTHALIC ACID
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wavelengths. Also greater absorbance changes were found for 
the 4-nitrobenzoic acid system, over the acid range used, than 
for the other two. The magnitude of the absorbance changes only 
decreased slightly over the temperature range for 4-nitrobenzoic 
acid, but for 2- and 3- nitrobenzoic acids the decrease was 
marked, making the results at high temperature more uncertain 
(figure 3.26),
The absorption envelope for o-phthalic acid was relatively 
narrow, 270 to 290nm, and only small absorbance changes were 
observed (figure 3.27). As the temperature was increased the 
envelope flattened and merged with much more intense absorption 
at shorter wavelength (figures 3.27) and thus the degree of 
fit worsened, and above 448K it became very poor, as it had 
done above 423K for 2-nitrobenzoic acid. Again for nicotinic 
acid, and picolinic acid, the absorption envelopes were narrow 
(figures 3.28 and 3.29). In addition, the variation of pK^g 
with temperature was expected to be intrinsically different 
from that of pK^^ which meant that the calculated values of 
^°^10^2 changed relatively little with temperature in terms of 
the degree of fit. In half of the solutions used all three 
species, anion, cation and zwitterion, were present to an 
appreciable extent at 298K. The absorbance changes were little 
affected by increase in temperature.
The absorption peak for 8-hydroxyquin61ine shifted 
significantly to shorter wavelengths with increased concentration 
of the neutral species (figure 3.30) and with increase in
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FIGURE 3.28
SPECTRA OF NICOTINIC 
ACID
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Spectrum 3; 298K, 2 x 1 0 ^  mol dm ^  nicotinic acid  ^ 1 x 1 0 ^  mol dm ^  NaOH
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FIGURE 3.29
SPECTRA OF PICOLINIC ACID
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FIGURE 3.30
SPECTRA OF 8-HYDROXYQUINOLINE
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temperature and the absorption peaks also flattened. These 
have led to the errors given and to the discrepancies between 
this work and that reported in the literature. The calculations 
carried out on the 4-halogenophenols were not dependent on the 
shape of the spectra but they did require the difference between 
the extinction coefficients of the two species to be as great as 
possible.
All the nitrobenzoic acids became appreciably weaker as the 
temperature was raised above about 320K; pK^' for 2-nitrobenzoic 
acid, which was much the strongest acid at 2 98K, decreased by 
an order of magnitude to 423K, whereas the decreases to that 
temperature for the other two were much smaller. The high acid 
strength of 2-nitrobenzoic acid 298K was mainly caused by the 
markedly positive enthalpy change for the association reaction. 
At higher temperatures 3- and 4-nitrobenzoic acids were 
practically indistinguishable in terms of the thermodynamic 
properties. They were considerably stronger than benzoic acid 
at 298K as expected from the inductive and mesomeric effects 
of the nitro group. A nitro substituent on a benzene ring has 
a very powerful inductive effect, much more so than a carboxyl 
group. Therefore when the groups are placed on adjacent carbon 
atoms the nitro-functions withdraw electrons even more 
strongly from the carboxyl group than when they are separated 
by one or two carbon atoms. This should weaken the 0-H bond in
2-nitrobenzoic acid to a greater extent than for the other two 
isomers but the high acid strength of the 2-nitro-acid is also 
strongly dependent on steric factors. The solid state structure 
of 2-nitrobenzoic acid reveals that the planes containing the
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carboxylic acid and nitro groups are both inclined^at high 
angles with respect to the plane of the benzene ring (24.1° 
and 54.3°, respectively) compared with the angles for the
3-nitro- (means 3° and 13.5°, respectively^^^) and 4-nitro- 
(1.6° and 13.8°, respectively^^?) benzoic acids and the 
benzene nucleus is non-planar. Presumably the hindrance in 
the anion is less as it is preferred, but the structure is 
unknown.
The decrease in acid strength is controlled by changes 
in AS which is always positive for the association reactions 
for these* acids since AH is endothermie for 2-nitrobenzoic 
acid and becomes more endothermie for the association reactions 
of the other two as the temperature is raised. These findings 
are in keeping with the crude modelsuggesting that AG is in 
a linear relationship with e  ^ (e is the bulk dielectric of 
water),
AG = a + b/e
l e a d i n g 5 4  to a proportionality between AG and AS and that the 
increase in AS is mainly a result of environmental effects 
largely concerned with the increasingly poor solvation of the 
proton as the temperatue increases. This is supported by the 
plots of AG against e  ^ shown in figures 3.18 to 3.25 which 
all exhibit a high degree of linearity, with the exception of 
those for 8-hydroxyquinoline which are shown in figure 3.31 and 
are discussed later.
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O-phthalic acid ^ comparatively strong acid.
In the solid state^^^ both carboxylic acid groups are inclined 
at 45.8° to the plane of the benzene ring but in the acid 
anioniso salt) the -COgH group is inclined at 26° and
the -CO2 group at 74° to the ring. As might be expected, 
pKa^' decreases with increasing temperature to a much greater 
extent than does pK^2' so that the production of the doubly- 
charged anion would be very limited at very high temperature.
4-bromophenol and 4-chlorophenol become stronger acids at 
the higher temperatures at which they were studied since the 
enthalpy change for the association reaction was exothermic so 
that the minimum value of the association constant would 
be at a higher temperature. The part of the van't Hoff plot 
covered by the temperature range in the case of 4-chlorophenol 
was approximately linear. The entropy change for both association 
reactions would be positive (as would be ACp) and would increase 
in value as the temperature is raised and the solvating 
power of the water decreases. This means that any association 
reaction which is exothermic at low temperature will become 
endothermie as the temperature is raised and log^^K will pass 
through a minimum as a function of temperature.
For 8-hydroxyquinoline the low temperature portions of 
the pK^^ and pK^ against T  ^ (figures 3.^-5 f 3.14) were 
approximately linear but curvature below these lines occured 
at higher temperatures. Decomposition was unlikely because 
the - degree of fit to the experimental absorbances was 
reasonable and the absorbances did not drift with time. In
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both cases the neutral form becomes thermodynamically favoured 
at higher relative to lower temperatures. The van't Hoff plot 
for expected to be curved since it is an ion-consuming
reaction but pK^^ refers to an isoelectric reaction. Curvature 
has also been noted in these plots for 2,9-dimethyl-l, 
10-phenanthroline^? and for the protonation of the 
2-aminomethylpyridinium c a t i o n ^ I n  all cases as the 
temperature was increased pK decreased more sharply than expected 
In addition for the two 8-hydroxyquinoline (pK^i pK^)
reactions and the 2-aminomethylpyridinium cation reaction,T.pK 
passed through a maximum value as the temperature was increased
(figures 3.31 and 3.32). Results for all four reactions were
fitted to the expression:
2TpK = a + bT + cT
using POLY which gave calculated, maximum values of TpK at 
the following temperatures:
8-hydroxyquinoline (pK^^) 365K
8-hydroxyquinoline (pK^ ) 323K
2-aminomethylpyridine 315K(2-ampy)
2,9-dimethyl-l,10-phenanthroline 546K (dimephen)
Maxima for (in effect) AG are uncommon and suggest competing 
processes. Neutral 8-hydroxyquinoline and 2-ampy cation could 
form both intra- and inter- (to solvent) molecular hydrogen 
bonds, and the neutral form (8-hydroxyquinoline) or monocation 
(ampy) are relatively more stable at high temperature for the
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FIGURE 3.31
PLOT OF TpK V  T
a) pK^, 8-hydroxyquinoline
b) pK^, 8-hydroxyquinoline
c) 2,9-dimethyl-l,10-phenanthroline
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three reactions. As the temperature rises the solvation of 
all species will decrease which may serve to increase the 
importance of a weak intra-molecular hydrogen bond so that a 
reduction in the association constant is aided. For dimephen 
steric hindrance may reduce the space available to solvent 
molecules but in this case an intra-molecular hydrogen bond 
is only possible in the product unlike the other three cases, 
where it is possible only in the reactants, so that the 
observed maximum in TpK would occur at a higher temperature.
The weakening of acid strength at high temperature should 
make the acid anions more able to form strong complexes with 
metal ions. Any reaction, e.g.,
+ l“ Î ^^(n-l) +
which reduces the overall positive charge and the number of 
ions present will be favoured as the solvating power of the 
solvent decreases. This means that anions forming relatively 
weak complexes at room temperature, which are often difficult 
to study could be much more important in the control of 
corrosion products at high temperature, which is the main area 
of interest of the Central Electricity Generating Board.
3,6.3 IONIC STRENGTH
In sections 3,1 and 3.2.4 the corrections for the ionic 
strength at which the acidity constants were determined with 
activity coefficients have been discussed. In section 3.4.1 a
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table of results for log^^X for 4-nitrobenzoic acid is given
where the association constants were determined at four ionic
-3strengths in the range 0,01 to 0.50 mol dm and at two 
temperatures. It was not possible to make the range greater 
than this without changing the concentration of the acid, and 
this is largely pre-determined by the extinction coefficients 
of the acid and its anion. An inert electrolyte,in this case 
sodium chloride, can be added to increase the ionic strength.
The values of log^^K decreased with increasing ionic strength 
as expected and on applying Davies activity coefficients^^ 
there was reasonable constancy when the possible sources of 
error were considered. There was insufficient data at low 
ionic strengths to allow a worthwhile plot of pK^  ^^ ox—pK-t— 
against I .
3.6.4 CURVE FITTING
For 4-nitrobenzoic acid, which was the best experimentally 
defined system, the log^^K values obtained from the SP3000 at 
low temperatures (2 88 to 348K) were fitted to a polynomial of 
the type given in section 3,2.1 and the equation used to predict 
log^gK at 473K. A value of 4,01 was obtained which was 
identical to the experimental result. This is of great 
significance since there is frequently precise low temperature 
data available for compounds which are easier to obtain, and 
the C.E.G.B. often carries out extrapolations to high temperatures 
in order to predict the behaviour of a system nearer the 
critical point of water or the operating temperature of a boiler
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(often 573K in modern plant). However with the absence of a 
minimum value for the association constant, or marked 
curvature in the low temperature range for ion-consuming 
reactions, it is unlikely that the data will be of much value 
for predicting high temperature values.
3.6.5 DEOXYGENATION OR SOLUTI01SIS
The work on 8-hydroxyguinoline could not be carried out 
above 378K as the 8-hydroxyquinoline became unstable because 
of the presence of dissolved oxygen. Section 2.8 describes 
the method employed to deoxygenate solutions and it was 
reasonably successful. The absorption of the anion (A max = 350nm) 
decreased by 96% over 120 minutes at 423K before deoxygenation, 
but after deoxygenation the decomposition was reduced, at the 
same temperature, to 5-15% over 15 minutes after which time 
the absorbance at 350nm maintained a constant value. The pH 
of a solution of 8-hydroxyquinoline was adjusted so that it 
only contained the neutral form which was found to decompose 
slightly at 473K and on deoxygenation to be stable. Solutions 
containing the 8-hydroxyquinoline cation decomposed markedly over 
423K but again deoxygenation greatly reduced this. As previously 
stated a high-integrity glove-box or a flowing cell using 
deoxygenated solutions would be required to carry out 
deoxygenation on a regular basis but it would enable much more 
work to be carried out and further progress to be made in this 
type of work. Work was attempted on the catechol system.
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However solutions showed "browning" at room temperature, 
proportional to the concentration of alkali present. The rate 
of "browning" was also increased with increasing temperature 
and this made any work impossible without deoxygenation of the 
solution as phenolic solutions polymerise in the presence of 
oxygen and alkali. The addition of a halogen to the phenol 
seemed to largely overcome this problem, probably by blocking 
some of the positions available for free radical formation 
and polymerisation. However at high temperatures the solutions 
again became unstable and measurements could not be made for 
4-bromophenol above 423K, and for 4-chlorophenol above 348K, 
the chlorine atom being smaller than the bromine atom and thus 
causing less steric hindrance.
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CHAPTER 4
THE ASSOCIATION CONSTANTS OF THE COMPLEXES 
(CuCl)^, (FeCl)^* AND (FeSO^)*
AS FUNCTIONS OF TEMPERATURE
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4.1 INTRODUCTION
In all very little work has been carried out on the
stability of metal-chloride or metal-sulphate complexes at
high temperatures in aqueous solution. Currently available
estimation procedures are unsatisfactory for obtaining data on
aqueous transition metal ions above 573K and the lack of data
is a serious problem since most modern generating plant
operates at, or above, this temperature. The aim of the work
reported in this chapter was first to extend work^^ on the 
2 +  —Cu - Cl” system to higher temperatures and to investigate 
other systems to provide more data to be used in estimates, and 
secondly to critically examine the usefulness of a spectrophoto- 
metric method for the determination of weak complexes. Interest 
in the role played by metal chlorides in the phenomenon of 
acidic corrosion is one aspect of the study of boiler corrosion 
for which knowledge of the composition of boiler water under 'on 
load' conditions is of special interest. The development of 
new types of nuclear power stations has given an impetus to 
the design of more reliable boilers and to this end a more 
thorough examination of the causes of acidic corrosion is being 
carried out by the C.E.G.B. The most common acid-forming 
contaminant is sea-water and the acidity arises mainly from 
the hydrolysis of magnesium(II) chloride followed by the 
precipitation of basic magnesium compounds. In practice the 
acidity is increased to corrosive concentrations in crevices 
and areas where the steam flow is disturbed and can be 
particularly damaging in the presence of oxygen.
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Complexes of the first row transition elements with simple
inorganic anions are difficult to study at high temperature
in aqueous solution for a number of reasons. First, hydrolysis
sets in at a progressively lower pH as the temperature is
raised. Secondly, complexes with thermally stable anions of
2 -technological interest, e.g.. Cl , HSO^ , SO^ , are often 
weak although the formation constants should increase with 
temperature. Thirdly, reduction of a metal ion is more 
favourable at higher temperature. Fourthly, it is very difficult 
to find a non-complexing, thermally stable supporting electrolyte
At first sight it might seem that a spectroscopic method
might be preferred since a non-absorbing mineral acid can be
added to prevent hydrolysis and the complexes formed, e.g.,
+(CuCl) , often have an absorption maximum at a wavelength for 
which the absorptions of the free metal ion and ligand are 
slight. However the appearance of such maxima is usually 
associated with ligand to metal-ion charge-transfer transitions 
such that the metal ion may become readily reducible at high 
temperature, e.g., Cu^^ and Fe^^. In addition it is rarely 
possible to determine the extinction coefficient of the metal- 
ion complex directly so that the method of data analysis 
involves the simultaneous determination of formation constant 
and extinction coefficient which are likely to be correlated 
as a result. A commonly used technique is to work with a large 
excess of metal ion over ligand in order to prevent the 
formation of all but the first complex which simplifies the
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computation but necessarily results in a high ionic strength
since the complexes are weak. This in turn means that the
technologically useful formation constant at I->0 is difficult
to extract with great accuracy. The alternative method of
using more equal concentrations of metal-ion and ligand
should allow investigations at lower ionic strengths but this
suffers a disadvantage in that several complexes may be formed
which become successively weaker as ligands are added and the
formation constants are likely to be correlated in the
computational method such that the precise determination of
any one constant becomes more difficult. Complexes of non-
2+ 2+reducible metal ions. e.g. Fe and Ni , and strong complexes 
with simple ions, e.g. fluorides, rarely have absorption 
maxima at moderately long wavelength and might only be studied 
spectrophotometrically by competition between two metal-ions 
for a single ligand or one metal-ion and two ligands. In 
either case one formation constant would need to be pre-determined, 
The d-d absorption spectrum is rarely used to determine 
formation constants since the extinction coefficients are so 
low even though spectral changes are observable.
Simpson^^ has reported preliminary investigations on the 
formation of (CdCl)'*' at temperatures up to 527K and (CuCl)'*’ 
up to 348k . There is good spectroscopic evidence®^ for complex 
formation in the copper (II)“chloride system for which the 
appearance of the spectra suggests a successive exchange of 
HgO by Cl with rising temperature and chloride ion concentration. 
Cobble and Mur ray^have  made preliminary measurements on the
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heat of solution of CuClg up to 573K but further data,
amongst which is that on the extent of chloride ion complexation,
is required for full analysis of the results.
The concentration cell method used by Simpson^^ with 
+(CdCl) was not suitable for the complexes studied here since
they are weak and there are inherent drawbacks in the procedure
which exclude its use with these. Spectrophotometric methods
have been used by several workers for reasons stated earlier
and have used the UV-visible spectra of the transition metal-
inorganic ligand complexes where they differ significantly
from that of the corresponding free metal ion. Although many
authors have performed studies at constant ionic strength,
adjusted with a 1 : 1 electrolyte,it can be argued that at
ionic strengths of less than one, the activity coefficients
of the reacting species, in equimolal mixtures, were not
constant with changing solution composition since one species 
2 +e.g., Cu , was divalent and the background electrolytes were 
not present in overwhelming concentration. Many studies of 
weak complexes come under this criticism which has been 
discussed by Matheson^^^, but Libus^^^ used a different approach 
in which magnesium perchlorate was used as the background 
electrolyte for the study of divalent transition metal-halo 
complexes. This m e t h o d ^ h a s  many advantages but was not used 
in this work since the initial aim was to repeat work by 
Simpson^^ (see below). The experiments described in this 
chapter are open to the same criticisms concerning the constancy 
of activities in equimolal mixtures as is the majority of previous 
work on these systems.
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The first chloro-copper(II) complex was chosen as a. 
subject of investigation because Simpson^^ had attributed his 
failure to obtain results at temperatures greater than 348K 
to problems caused by the reaction of the background electrolyte? 
perchloric acid, with the teflon of which the inner cavity of 
the high temperature cell was made (section 2.1.3). The present 
experiments therefore used sodium perchlorate as the supporting 
electrolyte and the concentration of perchloric acid was kept 
to the minimum required to prevent hydrolysis^^^^^. This 
system has been the subject of a great deal of ivork61,100, 1 33, 1 35,136, 
using many experimental techniques with little agreement between 
results. This is perhaps caused by the wide variety of 
background electrolytes used and the arbitary choice of the 
number of significant complexes present under the prevailing 
experimental conditions although the method of calculation itself 
leads to inaccuracies.
The method of analysis used was that reported by McConnell 
and Davidson^1 and Libusi^s which involved the use of solutions
_ 3containing a small concentration of chloride ion (=0;005 mol dm ) 
and a relatively large concentration (=0.2 mol dm )^ of copper(II) 
ion. The concentration of copper (II) was varied at a fixed 
chloride concentration and the resulting spectral changes noted 
from which the association constant was calculated. The association 
constants for the first two copper (II)-chloro complexes have 
been calculated by Carlsson and W e t t e r m a r k ^ 67 using a computerised 
regression analysis where all the parameters are fitted 
simultaneously. The results depended significantly on the form
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of the equation used and it is not clear whether this method 
provides more reliable results than a graphical approach.
The first chloro-iron(III) complex was studied according 
to the method used by F o r d h a m ^  ^ which differed from that 
described above only in that the iron(III) ion concentration 
was kept constant (=0.001 mol dm )^ and the chloride ion
-3concentration was varied (=0.003 to 0.001 mol dm ). Again
spectral changes, caused by the variation in the concentration 
2 +of (FeCl) , were observed and a n a l y s e d ^ This complex has
also been fairly well-covered at low temperatures in the
literature 2^ ,93 138-146 various methods and it was studied
here to extend the data to higher temperatures, which had not
been possible with the first chloro-copper(II) complex since
decomposition was found to occur at about 373K. Nikolaeva and
T s v e l o d u b ^ B  have obtained results for the formation constant 
2 +of (FeCl) at temperatures up to 423K from e.m.f. measurements.
Finally the first iron(III)-sulphate complex was studied 
in order to confirm opinions (^r^ed^during this work on the 
method of analysis used, so that only low temperatures (up to 
348k were used. Lister and Rivington^69 have studied this 
system varying the hydrogen ion concentration as well as the
iron(III) concentration in different experiments to show the
2 + + formation of the (FeHSO^) ion as well as the (FeSO^) ion.
In the work described in this chapter both the sulphate and the
hydrogen ion concentrations were kept constant (0.001 mol dm ^),
-30.500 mol dm respectively, and the iron(III) ion concentration 
was varied (=0.03 to 0.001 mol dm ^) which gave rise to spectral
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changes. The spectra of the sulphate - containing and 
sulphate-free solutions were different and the analysis of the 
absorbance differences was carried out using the McConnell and 
Davidson®^ method to give the association constant. Nikolaeva 
and Tsvelodub^o have reported results on this system at 
temperatures up to 423K, DaviS and Mac.F. Smith^^? up to 
307,5K, and Whiteker and D a v i d s o n ^ ^4 301K; the experimental
methods used were all different.
4.2 THEORY
The equilibrium constants and extinction coefficients were 
calculated by the method of McConnell and Davidson^i which was 
also used by others 155-169-'177--178^  %t is based on the assumption 
that the free metal ion concentration is effectively the same 
as the total metal ion concentration since it is arranged that 
little complex is formed relative to the concentration of the 
free metal ion. In the copper chloride experiments the free 
metal ion at 298K was 99.3% to 98,9% of the total metal ion 
concentration, for ferric chloride 99.3% to 99.2%, and for 
ferric sulphate 98.1% to 87.4%. It would have been possible 
to use an iterative loop to compensate for the difference 
between the concentrations but early work indicated that the 
overall experimental error was much larger than the corrections 
obtained by the iterative procedure at least in the chloride 
systems and this correction was not applied.
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The metal ion concentration used was much larger than 
that of the ligand so that the probability of one metal ion
being associated with more than one ligand becomes negligible.
The equilibria being studied were of the general form:
]^ n+ jjp- j ^+(n-p) (4.1)
If is the total metal ion concentration,
is the total ligand concentration,
Mp is the free metal ion concentration
Lp is the free ligand concentration and
ML is the complex ion concentration, then the two relevant 
mass balance equations are:
M^ = Mp + ML
L^ = Lp + ML (4.2)
Assuming Mp = M^, and knowing that
ML = K.Mp.Lp , where K is the association constant
from equation (4.1), equation (4.2) becomes
= Lp + KMpLp = Lp + KM^Lp
Lp = _ ( 4 . 3 )
1 + KM^
The absorbance at a particular wavelength is made up of two 
components; that due to the free metal ion and that due to 
the complex. Therefore
A = E^MpA + eML i (4.4)
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where A is the absorbance at a particular wavelength
Egis the extinction coefficient of the free metal ion
E is the extinction coefficient of the complex ion
+ + a is the path length, 1cm for CuCl and FeSO.2 +and 4cm for FeCl . Taking z = 1.0cm, equation (4.4) 
can be expanded:-
a = + eKMpLp = c^Mp + eKM^Lp
and using equation (4.3)
o'V •A = E M_ + 1 4- KM^
Letting A^ = where A^ is the absorbance of a solution
of metal ions of concentration in the absence of ligand, 
at the same wavelength as A is measured, then
A = A +o ------1 + KM^
.'. (1 + KM^) =: EKM^LT
(A-Ao)
.’. L t  1 + 1
(A-Aq ) eKM, (4.5)
This equation is of the form y = mx + c in which (A-A^) and 
Mrp are the variables. Thus a plot of L^/(A-A^) against 1/M^ 
should give a straight line of gradient ^/eK and intercept ^/e, 
from which e and(k)can be calculated.
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Where &=|=1. 0cm equation (4.5) becomes
(A-Ag) eKM^ e
and for the iron(III) chloride work, where the concentration 
of iron(III) ions was kept constant at a large excess and the 
chloride ion concentration was varied, equation (4,5) becomes
(Fe^^) z 1 + 1
(A-Ag) eK(C1 ) £
In these systems the relationship between the absorbance and 
metal ion concentration was nearly linear (see later) and 
because of this the computer program SQUAD could not be used 
since it gave large uncertainties in the calculated values and 
sometimes resulted in divergence.
4.3 EXPERIMENTAL
4.3.1 ABSORBANCE MEASUREMENTS
The absorbance measurements were again made using a 
Pye Unicam SP8-100 spectrophotometer for temperatures below 
353K and the modified SP1800 (section 2.1) for higher
+temperatures. The path length used as 1cm for the CuCl and 
FeSO^ "*" work and 4cm for the FeCl^^ work. The reference 
solutions only differed from the test solutions in that they did 
not contain any of the ligand in question. With the SP8-100 
it was possible to measure the test solution directly against 
the reference, having put the absorbance difference between 
the two solutions to zero at a wavelength where neither absorbs.
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However for work carried out using the modified SP1800 it was 
necessary to measure the reference and test solutions 
separately and calculate the true absorbance using the procedure 
described in section 3.3,1.
The wavelengths at which measurements were made were 
selected because they covered a range of extinction coefficients
of the formed species and were much the same as those used by
+ 2+ + others. The spectra of CuCl , FeCl and FeSO^ are shown in
figures 4.1 to 4.3. The program COGR (section 2.6) was used
to determine the concentration ranges required to give a
wide percentage variation in the amount of complex ion formed,
4.3.2 EXPERIMENTAL CONDITIONS
The preparation of the stock solutions, test solutions, 
and the chemicals used are described in chapter 2. Table 4.1 
shows the temperature range over which the complexes were 
studied and the conditions of ionic strength, table 4.2 gives 
the experimental wavelengths. The conditions under which each 
complex was studied are given in tables 4.3 to 4.5.
TABLE 4.1
TEMPERATURE RANGE AND IONIC STRENGTH OF COMPLEX STUDIED
Complex Temperature range (K) Ionic Strength (mol dm~3)
CuCl+ 288 - 363 1.0 , NaClO,2 +F ed 288 - 348 0.2,
ft
HCIO4
288 - 348 0.51 - 0.65
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FIGURE 4.1 
SPECTRA OF (CuCl)'*'
absorbance
1.6
1.4 -
1.2 -
1.0 -
0.8 -
0.6 -
0.4 -
a - 333K; 0.25 mol j —3 2+ dm Cu & 5 X lO”  ^mol dm ^ C1
b - 318K; 0.25 mol j “3 2+ dm Cu & 5 X 10’\ o l  dm^Cl
c - 303K; 0.25 mol , —3_ 2+ dm Cu & 5 X lO'^mol dm^Cl
d - 288K; 0.25 mol drn’^Cu^"^ & 5 X 10 ^  mol dm ^ C1
298K; 8.4 X 10~\ol dm-^Cu^+ & 5 X 10 ^  mol dm ^ C1
298K; 4.0X lO" m^ol dm-^Cu^+ & 5 X 10"^mol dm^Cl
0.2 _
2 30
/ I
310 330 3?0 nm
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FIGURE 4.2
SPECTRA OF (FeCl) 2 +
348K; 7,6 X io“^ mol —3 —=dm Cl & 1 X 10 ^mo 1 dm"^
348K; 5.0 X 10"^ mol “"3 "dm Cl & 1 X 10 ^mol dm“^
318K; 7.6 X 10-3 mol ““3 “dm Cl & 1 X 10 ^mol j -3 dm
298K; 7.6 X 10~^ mol -3 -dm -^ Cl & 1 X 10 ^mol dm'3 Fe3+
288K; 7.6 X 10'^ mol -3 -dm Cl & 1 X 10 ^mol dm"3 Fe^^
absorbance
1.0
0 .8“
0.4
0 .2-
290 310 330 350 370 390 410 nm
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FIGURE 4.3
SPECTRA OF (FeSQ )^
a - 348K; 3 X 10
b - 318K; as (a)
c - 298K; as (a)
d - 288K; as (a)
-2 -3 3+ "3 —3 2*) mol dm SO^
absorbance
1.0
0.8 —
290 310 330 350 370 390 410 nm
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TABLE- 4 .2
ANALYTICAL WAVELENGTHS USED FOR EACH COMPLEX
Complex Wavelengths(nm) Reference(nm)
CuCl**" 266,270,272 400
FeCl 336,338,340,342 450
FeSO^^ 340,352,360 500
4.3.3 ANALYSIS OF MEASURED ABSORBANCE VALUES
The high absorbance values obtained from the spectra
of the test solutions and the reference solutions correspond
to the term (A-A^) in equation(4.5)and the values of K and e
at any wavelength were found by plotting 1/(A-A^) against
2 +1/M^f except for FeCl where 4/(A-A^) against 1/L? was used,
The intercept gives 1 and the gradient 1
therefore e = 1
intercept, Liji*
* M^ for FeCl2 +
L i p * K  E
and K = intercept 
gradient
4.4. RESULTS
The results for all three systems and the errors involved 
in their determination are given in the following tables 4.6 
to 4.8.
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TABLE 4.3
EXPERIMENTAL COPPER(IT) AND CHLORIDE ION CONCENTRATIONS
Solution Copper(II) ion Chloride ionconcentration concentration(mol dm“3) (mol dm"3)
A 0.2544 5.04 X 10*3
a 0.2544 0
B 0.2035 5.04 X 10-3
b 0.2035 0
C 0.1817 5.04 X 10-3
c 0.1817 0
D 0.1454 5.04 X 10-3
d 0.1454 0
E 0.1236 5.04 X 10-3
e 0.1236 0
F 0.0981 5.04 X 10-3
f 0.0981 0
G 0.0836 5.04 X 10-3
g 0.0836 0
H 0.0654 5.04 X 10-3
h 0.0654 0
I 0.0509 5.04 X 10-3
i 0.0509 0
J 0.0400 5.04 X 10-3
j 0.0400 0
K 0.0291 5.04 X 10-3
k 0.0291 0
L 0.0182 5.04 X 10-3
1 0.0182 0
Solutions a to 1 are the reference solutions
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TABLE 4.4
EXPERIMENTAL IRON(III) AND CHLORIDE ION CONCENTRATIONS
Solution Iron(III) ion concentration (mol dm”3)
Chloride ion 
concentration (mol dm”3)
. -3 -3A 1 . 0 0  X 10 7 . 5 6 0  X 10
-3 -3B 1 . 0 0  X 10 5 . 0 4 0  X 10
C 1 . 0 0  X  1 0 “ 3 3 . 7 8 0  X 10"3
, -3 -3D 1 . 0 0  X  10 3. 27 6  X 10
— 3 -3E 1 . 0 0  X 10 2 . 7 7 2  X  10
F 1 . 0 0  X 10-3 2 . 4 1 9  X 10-3
G 1 . 0 0  X 10 "3 2 . 0 1 6  X 10-3
— 3 -3H 1 . 0 0  X  10 1 . 7 6 4  X  10
-3 -3I 1 . 0 0  X 10 1 . 6 3 8  X 10
J 1 . 0 0  X  1 0 “ 3 1 . 51 2  X 10-3
— 3 -3K 1 . 0 0  X 10 1 . 3 8 6  X 10
. -3 -3L 1 . 0 0  X 10 1 . 2 6 0  X  10
Reference 1 . 0 0  X 10 -3 0
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TABLE 4.5
EXPERIMENTAL IRON(III), SULPHATE AND HYDROGEN : ION
CONCENTRATIONS
Solution Iron (III) ion Sulphate ion Hydrogen ionconcentration concentration concentration(mol dm” 3) (mol dm- 3) (mol dm”3)
A 3.00 X 10-2 , -2 1.000 X 10-3 0.500a 3.00 X 10 0 0.500
B 2.50 X 10-2-2 1.000 X 10-3 0.500b 2.50 X 10 0 0.500
C 2.00 X 10-2 , -2 1.000 X 10-3 0.500c 2.00 X 10 0 0.500
D 1.50 X 10-2 1.000 X 10-3 0.500
1.50 -2d X 10 0 0.500
E 1.00 X 10-2 ^ -2 1.000 X 10-3 0.500e 1.00 X 10 0 0.500
F 0. 80 X 10-2 1.000 X 10-3 0.500
0. 80 -2f X 10 0 0.500
G 0. 60 X 10“2 1.000 X 10-3 0.500
0. 60 n -29 X 10 0 0. 500
H 0.40 X 10-2 1.000 X 10-3 0.500
h 0.40 X 10-2 0 0.500
I 0.25 X 10-2 1,000 X 10-3 0.500
i 0.25 -2X 10 0 0.500
J 0.10 X 10-2 1.000 X 10-3 0.500
0.10 n -2j X 10 0 0.500
Solutions a to j are the reference solutions
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TABLE 4.6
COPPER(II) CHLORIDE AT IONIC STRENGTH 1.0 mol dm-3
Temperature
(K)
X(nm)
G
(dm.3 mol cm ^
% error in 
intercept gK ± std. dev.
288 266 368 11.0 574 0.19 ± 0.05
270 277 13.0 442 0.20 ± 0.06
272 199 8.9 396 0.30 ± 0.04
298 266 425 7.0 752 0.24 ± 0.03
270 272 6.0 564 0.32 ± 0.02
, 272 249 10.0 493 0.30 ± 0.05
303 266 478 8.5 111 0.21 ± 0.04
270 343 7.5 608 0.25 ± 0.03
272 277 7.5 541 0.29 ± 0.03
318 266 646 3.4 1080 0.22 ± 0.01
270 476 4.6 852 0.25 ± 0.02
272 399 5.1 754 0.28 ± 0.02
333 266 760 2.5 1490 0.29 ± 0.01
270 629 3.5 1175 0.27 ± 0.02
272 552 6.0 1040 , 0,27 ± 0.03
348 266 640 2.9 2020 0.35 ± 0.01
270 738 2.8 1620 0.34 ± 0.01
272 895 1.9 1455 0.36 ± 0.01
363 266 582 5.6 3630 0.81 ± 0.03
270 543 8.4 2935 0.73 ± 0.04
272 530 8.8 2580 0.69 ± 0.04
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TABLE 4.7
IRON (III) CHLORIDE AT IONIC STRENGTH 0. 2 mol dltr^
Temperature $ (K)
X
(nm)
e
(dm^ mol  ^cm"^
% error in 
intercept eK ^°^10^± std. dev.
 ^ 288 336 262 13.5 8530 1.51 ± 0.06
338 249 19.1 8470 1.53 ± 0.09
340 261 18.5 8270 1.50 ± 0.09
342 251 18.2 8080 1.51 ± 0.09
298 336 406 19.1 10300 1.41 ± 0.09
338 375 17.8 10300 1.44 ± 0.09
340 362 19.3 10200 1.45 ± 0.09
» 342 384 21.4 9890 1.41 ± 0.10
308 336 736 26.7 12300 1.22 ± 0.13
338 725 36.5 12200 1.23 ± 0.20
340 747 28,2 12100 1.21 ± 0.14
342 690 28.6 11900 1.24 ± 0.15
* 318 336 689 16.3 16000 1.36 ± 0.08
338 643 12.8 15900 1.39 ± 0.06
340 717 15.2 15700 lv34 ± 0.07
342 703 17.3 15400 1.34 ± 0.08
328 336 1120 13.7 19720 1.25 ± 0.06
338 1120 13.7 19720 1.25 ± 0.06
340 1167 13.6 19520 1.22 ± 0.06
« 342 1080 12.3 19330 1.25 ± 0.06
338 336 1139 15.6 25215 1.34 ± 0.07
338 1137 12.7 25300 1.35 ± 0.06
340 1228 14.1 25010 1.31 ± 0.07
342 1251 9.8 24730 1.30 ± 0.04
348 336 1295 11.5 30210 1.37 ± 0.05
338 1369 12.3 30280 1.34 ± 0.06
* 340 1424 9.3 30160 1.33 ± 0.06
342 1458 9.9 29940 1.31 ± 0.05
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TABLE 4.8
IRON(III) SULPHATE
Temperature
.
A
(nm)
e
(dm^ mol  ^cm )^
% error in 
intercept
eK logioK 
± S td. dev.
288 340 506 10.4 17000 1.53 ± 0.05
352 359 14.0 9050 1.78 ± 0.07
# 360 222 7.8 5990 1.43 ± 0.04
298 340 680 4.8 19600 1.46 ± 0.02
352 384 7.1 11900 1.49 ± 0.03
» 360 248 6.2 8080 1.51 ± 0.03
308 340 790 4.9 2 3000 1.46 ± 0.02
352 471 6.1 14200 1.48 ± 0.03
360 312 7.1 9720 1.49 ± 0.03
4
318 340 907 3.1 26700 1.47 ± 0.01
* 352 571 3.2 16 600 1.47 ± 0.01
360 389 3.3 11700 1.48 ± 0.02
328 340 896 3.9 31500 1.55 ± 0 ,02
352 579 3.6 20300 1.55 ± 0.02
* 360 406 4.0 14400 1.55 ± 0.02
, 338 340 986 4.1 35500 1.56 ± 0.02
352 755 4.7 22300 1.47 ± 0.02
360 542 3,8 16000 1.47 ± 0.02
348
*r
340 1059 3.0 39660 1.57 ± 0.01
352 793 3.0 26300 1.52 ± 0.01
* 360 566 5.3 19450 1.54 ± 0.02
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4.5 ERRORS IN EXTINCTION COEFFICIENTS AND ASSOCIATION CONSTANTS
The method of calculating the extinction coefficient 
and association constant for each complex makes use of the 
equation 4.5 in a rearranged form:
(A—A^) Lrp.e.K.Mjp e.Lip
The metal ion concentration for CuCl^ and the ligand ion
2 +concentration for FeCl are known to ±1% or better and 
therefore this source of error is small in comparison with the 
others which will be discussed. The free metal ion concentration 
in the FeSO^ "*" work is not so well defined and is a definite 
source of error (section 4.2).
The error in measuring (A-A^) has been minimised in 
all cases, except at 363K in the CuCl^ work, by direct sample - 
reference measurement and therefore (A-A^) is known to ±0,002 
absorbance units, A typical set of data and corresponding 
plot are shown in table 4,6 and figure 4,4 including errors.
It is clear from figure 4,4 that because the reciprocal of the 
concentration of total metal ion is used as the x co-ordinate, 
the error in the gradient is largely determined by the solutions 
of low metal ion concentration.
The uncertainties in (A-A^)  ^brought about by the 
errors in the absorbance measurements are greatest where 
the absorbance measurements are low, i.e. the metal ion 
concentration is low. Simpson^^ calculated a deviation in 
gradient and intercept by drawing lines to show the maximum 
possible errors based on the uncertainty bars shown in figure 4.4;
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FIGURE 4.4
(CuCl)^, PLOT OF (A-A^)”^
10-
//f
25 50 75
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this is an inappropriate procedure when used in conjunction 
with a least-squares analysis of the results since the errors 
about the best straight line must be considered random. The 
errors quoted in this work are one standard deviation in the 
intercept and gradient calculated from the best-fit line 
obtained using a least-squares computer program and as such 
are underestimates of the true error since no allowance has been 
made for systematic experimental errors. Often two standard 
deviations are quoted in reporting results.
TABLE 4.6
Data used to construct figure 4.4
4CuCl data: temperature = 298K, wavelength = 270nm,
LT = 5.04 X 10  ^mol dm^ Cl , ionic strength =
1.0 mol dm-3
1 (A-A^) 1 *(A-Aq )
3.931 0.506 1.976 ± 0.0084.914 0.424 2,359 ± 0.0115.504 0.387 2.584 ± 0.0136,878 0.317 3.155 ± 0.0208.091 0.280 3.571 ± 0.02510.194 0.228 4.386 ± 0.03811.962 0.197 5.076 ± 0.05115.291 0.159 6.289 ± 0.07919.646 0.130 7.629 ± 0.11825.000 0.106 9.434 ± 0.17834.364 0.078 12.821 ± 0.32954.945 0.050 20.000 ± 0.801
*error based on (A-A^) measured to ±0.002
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It might appear that it would be more desirable to use 
only solutions of high metal ion concentration but in these 
assumptions made with regard to the constancy of the activities 
in equimolar solutions become questionable, therefore on this 
consideration alone solutions of low metal ion concentration 
are preferred. However these contain the highest percentage 
absorbance measurement errors.
By selecting wavelengths at which the extinction 
coefficients are smaller, the value of the intercept can be 
increased; this will make the gradient steeper which means 
that the uncertainty in the intercept may remain almost the 
same, A further disadvantage of small extinction coefficients 
is the need to use more concentrated solutions in order to 
achieve reasonable absorbance values and these have the 
corresponding difficulties regarding ionic strength. A more 
precise determination of the intercept would be achieved using 
wavelengths where the extinction coefficients were greater but 
the value of the intercept would be smaller and therefore the 
percentage error in it higher, however there may be slight 
preference for this case.
Equation (4.5) requires there to be a non-linear 
relationship between (A-A^) and M^, However with e and K
2 4^values found for the Cu -chloride system such a plot is almost 
linear (figure 4.5), but for the Fe^^-sulphate system the plot 
shows much more curvature (figure 4.6). It is thus not 
surprising that the errors in the latter case are less than 
in the former. Figure 4.7 shows the same plot for the Fe^^” 
chloride system which is unexpectedly linear, this has been
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FIGURE 4.5
CCuCl) , PLOT OF (A~A_) V  M^ . AT 2 98K AND 2 7Qnm
(A-A
0,6
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FIGURE 4.6
(FeSO^) , PLOT OF (A-A_) v AT 298K AND 34Qnm
0.30 -
0.20
0.10
0.10 0.15 0. 20 0.25
3 + -3
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2 +(FeCl) PLOT OF (A-A ) v M „  AT 2 98K AND 340 nm
(A-A
0.08 -
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0.04 -
0.02
8.0
1C?,mol dm ^
4.0
(Cl
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caused by the e and K combination as e is much smaller j
3+ Ifor the Fe -sulphate system. The errors generated by the ji
use of the equation (4.5) are very large, which is not really |
I
surprising since the analysis is solely dependent on these jI
deviations from linearity. It is therefore concluded that
great care must be taken when using this method of analysis Ii
to avoid underestimating the errors involved; it gives an j
Iindication of the order of magnitude of K, but cannot be relied !
upon to give an exact value. j
In view of the form of equation (4.5) results obtained j
!
at high metal ion concentration should be given greater i
weighting in the least-squares analysis than those which |
contained greater percentage error. A locally written program 
was used to investigate the difference this made at a particular i
wavelength for each system (see tables 4.7 to 4.9). The
!wavelength chosen in each case was one that had been used by '
other workers and did not show extreme errors in the unweighted :
analysis. Tables 4.7 to 4.9 show the difference made to log^^K,
the intercept(I), and the gradient (G) by using the weighted 
least-squares analysis. In general'it improves the intercept ■
but increases the error in the gradient, and the standard |
deviation in log-j^ K^ is improved, suggesting that this is a j
useful method of making some allowance for the changing errors !
involved in using the reciprocal of the absorbances.
For CuCl the log^^K values at low temperature are much
reduced using the weighted scheme and the deviations are less
such that there now appears to be an increase in the association
constant above 300K which was barely apparent from the
2 +unweighted treatment» For FeCl there was less improvement in
- 175 -TABLE 4.7
+CuCl data; wavelength = 270nm, ionic strength 
L.T = 5.04 X 10  ^mol dm  ^Cl
-31.0 mol dm ,
/. «
Temperature
(K)
logioK std. dev. % error in I % error in G
ü W U W U W U W
288 0.20 0.097 0.06 0.03 13.0 6,0 0.9 1.4
298 0.32 0.070 0.02 0.03 6.0 5.4 0.6 1.2
303 0.25 0.095 0.03 0.02 7,5 4.5 0.6 1.0
318 0.25 0.15 0.02 0.01 4.6 2.8 0.4 0.7
333 0.27 0.21 0.02 0.01 3.5 3.0 0.4 0.9
348 0.34 0.29 0.01 0.01 2.8 2.2 0.4 0.8
363 0.73 0.68 0.04 0.02 8.4 4.7 2.0 3,3
U = unweighted least-squares plot results 
W = weighted least-squares plot results
FeCl^^ data:
TABLE 4.8
= 1.00 X 10  ^mol dm  ^Fe^^, wavelength 
ionic strength = 0.2 mol dm“^
= 3 40nm,
Temperature(K)
logioK std. dev. % error in I % error in G
U W U W U W U W
288 1.50 1.16 0.09 0.07 18.5 14.2 1.2 1.1
298 1.43 1.13 0.09 0.06 19.3 12.5 1.1 0.9
308 1.21 1.06 0.14 0.03 28.2 6.9 0.9 0.4
318 1.34 1.08 0.07 0.06 15.2 12.4 0.7 0.8
328 1.22 1.12 0.06 0.04 13.6 9.1 0.5 0.7
338 1.31 1.18 0.07 0.03 14.1 9.5 0.5 0.8
348 1.33 1.30 0.06 0.02 9.3 4.1 0.4 0.4
U = unweighted, 
W = weighted
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TABLE 4.9
FeSO^^ data: L^ = L.OO x 10 ^  mol dm ^
wavelength = 340nm
Temperature(K)
log.LO^ std. dev. % error in I , .%. error in G
U w U W u W U W
288 1.53 1.39 0.05 0.00 1.04 2.1 2.0 1.1
298 1.46 1.42 0.02 0.00 4.8 3.3 1.1 1.5
308 1.46 1.41 0.02 0.00 4.9 3.2 1.1 1.5
318 1.47 1.47 0.01 0.00 3.1 1.9 0.7 1.0
328 1.55 1.51 0.02 0.00 3.9 2.6 0. 8 1.7
338 1.56 1.57 0.02 0.00 4.1 3.0 0.8 2.2
348 1.57 1.58 0.01 0.00 3.0 5.4 0.8 3.5
ü = unweighted 
W = weighted
the standard deviations but now the slightly lower values for
log^^K show consistent and regular changes (unlike the
unweighted results) and appear to suggest an increase in log^^K
+above 318K. For FeSO^ the weighted deviations in log^ ^^ K are 
very small and by considering a single wavelength e.g. 340nm, 
there would appear to be evidence for a regular increase in the 
constant. However, there are wide variations at different 
wavelengths at a given temperature in terms of the weighted 
deviations. It is not possible to explain these without much 
further experimental investigation. There are similar, but in 
general, smaller variations with wavelength in both the CuCl”^, 
e.g., table 4.7, 288K,and FeCl^^ results, table 4.8, but in the
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latter case the variations are small compared with the probable 
errors.
One source of error not considered here was that in the 
varying concentration of the metal ion (or in one case, the 
ligand). Since the reciprocals of these are used in the analysis 
it could be said that the volumetric and weighing errors are 
significantly more important than they might be in a linear 
plot. Additionally a small error in the concentration of 
added ligand might have a magnified importance since the ligand 
to metal ion ratio was always very small.
4.6 DISCUSSION
Tables 4.10 to 4.14 show comparisons of this work with 
that reported in the literature, the error margins quoted in 
the literature have been given but it is not clear to what 
they refer since they are frequently much lower than could be 
expected from the method of analysis.
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2 +Cu + Cl -><- CuCl at 2 98K
1»
Ionie Strength (mol dm"3) Method X(nm) E K eK Reference
2.0 NaClO^ Spectrophotometric 265 669 1.30 870 92
: *i 1.0 HCIO^ Il * 250 3800 0.27 1030 148
I 1.0 HCIO^ I 265 426 1.69 720 49
1.0 NaClO^ I 266 765 0.85 ± 0.06 650 this work
2,0 NaClO^ I 270 477 1.24 591 92
1.0 HCIO^ I 270 321 1.64 526 49
4 1.0 NaClO^ I 270 443 1.18 ± 0.08 523 this work
1.0 HCl I 272 1478 0.34 503 149
0 I 272 1478 1.11 ± 0.03 1640 149
1.0 HCIO^ I 272 186 2.29 ± 0.04 428 137
id 1.0 HCIO^ I 272 320 1.30 ± 0.06 416 61
1.0 Mg(C10^)2 I 272 1115 0.44 ± 0.03 455 133
i 0 I 272 1115 1.63 ± 0.15 1817 133
1.0 NaClO^ I 272 437 1.02 ± 0.11 446 this work
'2.0 NaClO^ I 275 326 1.14 372 92
0.691 HCIO^ Cation / 
exchange^
- -- 9.60 ± 0.5 - 135
1.0 NaClO^ Kinetic — - 1.41 ± 0.33 - 136
y
•f
2.0 - - - 1.23 - 101
0 — — 2,51 — 100
*295K, /293K
2 +Cu + Cl
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TABLE 4.11
t CuCl+ at T>298K
spectrophotometrically determined,
Ionic Strength 
(mol dm
Temperature
(K)
A
(nm) e
K eK Reference
2.0 NaClO^ 313 265 902 1.35 1218 92
1.0 HCIO^ 322 265 669 1.82 1220 49
¥ 1.0 NaClO^ 318 266 770 1.36 ± 0.07 1047 this work
1.0 HCIO^ 348 265 894 2.19 1958 49
1.0 NaClO^ 348 266 711 1.98 ± 0.05 1408 this work
2.0 NaClO^ 313 270 664 1.38 916 92
1.0 NaClO^ 318 270 574 1.41 ± 0.04 809 this work
1.0 HCIO^ 322 270 471 1.98 935 49
4 1.0 HCIO^ 348 270 604 2.34 1413 49
1.0 NaClO^ 348 270 809 1.95 ± 0.05 1577 this work
* 1.0 NaClO^ 318 272 499 4.30 ± 0.05 714 this work
1.0 HCIO^ 319.9 272 - 1.39 ± 0.05 - 61
2.0 NaClO^ 313 275 464 1.29 599 92
The weighted results obtained from this work are in reasonable 
agreement with the rather wide range of literature values, 
in particular with those given by Simpson^^ and the critical 
valuesioo, and fall in between the values given by Carlsson 
and Wettermark^^^ and McConnell and D a v i d s o n ^ A t  higher
I •temperatures the agreement is continued. Libus^^^and Nasanen^^s 
have found very high values of the extinction coefficient 
and correspondingly low values for K, but comparable values
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for eK; this cannot be explained. Various workers^  ^  ^ ®
have discussed the formation of CuClg, and Carlsson and 
Wettermarki37 found a value for K2 of 0.72 for the equilibrium;
CuCl^ + Cl“ Î CuClg •
This value was used, together with their value of K, 2.29, 
in the computer program COGR and the experimental concentrations 1
of reactants used in this work. It was found that the i
maximum percentage of chloride ion converted to CuClg was 0 .1%, j
I
3+ :The best agreement with the Fe - chloride work reported ;
here is found in that of Nikolaeva and Tsvelodub^® but the :
!
value of K is lower than that of Fordham^^, Rabinowitch and !
Stockmayer,i3G White, Kelly and Li^V and the critical value^°°, ;
but is of the same order of magnitude. This is surprising since j
!the method of analysis used in this work which leads to high I
error, was not used by Nikolaeva and Tsvelodub^®. Fordham^^, j
and Rabinowitch and Stockmayer^^® used the same mathematical ’
Ianalysis and the differences could arise from the choice of '
wavelength which is critical as shown by Libus^^^. These^^s 
spectra (1=2 mol dm show that below 280nm the difference 
in the absorbance of neighbouring pairs of solutions becomes 
minimal. This shows that a particular set of solution 
concentrations may be suitable at one wavelength but not 
necessarily so at another. All the literature values, 
considering ionic strength, are of the same order of magnitude. 
Activity coefficient corrections to give the thermodynamic 
constant at zero ionic strength are not recommended because the
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TABLE 4.12
3 +Fe + Cl -> FeCl 2+ at 298K *293K
Ionic Strength 
(mol d m " 3)
Method K Reference
* 0.426 Kinetic 2.5 147
* 0.15 HCIO^ Spectrophotometric 7.9 ± 4.4 93
0.2 KCIO^ Cation exchange 6.03 141
0.3 HCIO^ II II 5.13 141
i 1.0 HCIO^ II II 4.57 141
0 Spectrophotometric 30 138
0.2 HCIO^ II 5.89 138
0.3 HCIO^ II 5,01 138
1,0 HCIO^ II 4.17 138
► 1.0 HCIO^ Cation exchange 4.3 142
0 Conductivity 20 ± 5 143
0.36 - 1.0 VI 3 143
not given II 4.1 ± 0.45 144
¥ 0.5 NaClO^ Spectrophotometric 4.6 145
1.2 NaClO^ It 4.1 30
t 0.2 HCIO4 II 13.5 ± 2.0 this work
0.5 Potentiometric 7.36 28
r 0 II 8.91 28
0 Spectrophotometric 30.2 100
0.5 - 4.37 100
1.0 4.27 100
I 1.0 HCIO^ Potentiometric 2.89 150
1.0 HCIO4 Spectrophotometric 2.95 ± 0.09 150
0.50 HCIO^ II 4.4 132
Contd../
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TABLE 4.12 Contd
2.5 HCIO^ Spectrophotometric 4.2 ± 0.1 140
9.0 HCIO4 6100 ± 100 140
2 HCIO4 3.3 ± 0.1 140
0.67 NaClO^ 1.3 ± 0.1 146
extension of the Debye-Huckel or the Davies equation for 
trivalent ions is uncertain.
The literature values for work carried out at approximately
the same ionic strength as this Fe^^-sulphate work are an
order of magnitude higher. The calculation of K did not
include an allowance for the formation of FeHSO^^^(formation
constant K =6±1) or HSO^ since calculations carried out with
COGR, using the concentrations of reactants used in this work
and literature values^°^^^° for their formation, showed that
very little of either was formed. The maximum error contributed
2 -by the approximately 2% SO^ tied up in these other species 
was not considered significant compared with the errors 
inherent in the unweighted mathematical analysis but may be 
significant in the weighted case where the analysis errors are 
reduced.
The CuCl work could not be carried out 
at temperatures greater than 363K since the test solutions, 
particularly those containing high concentrations of copper.
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TABLE 4.13
4^- — 2 4-Fe + Cl ^ FeCl
Temperature
(K)
Ionic Strength 
(mol dm"3)
Method K Reference
323 0.35 Potentiometric 12.45 28
323 0.41 II 9.44 28
323 0.51 II 10.72 28
323 0 II 12.59 28
328 0.2 Spectrophotometric 13.18 ± 1.27 this work
343 0.35 Potentionmetric 13.30 28
343 0.41 II 12.88 28
343 0.51 II 11.75 28
. 343 0 11 14.45 28
348 0.2 Spectrophotometric 19.95 ± 0.94 this work
373 0.41 Potentiometric 26.18 28
398 0.41 11 62,66 28
423 0.41 II 132.4 28
showed a marked increase in absorbance with time at 378K. 
Simpson^^ concluded that the problems encountered with his work 
at higher temperatures were caused by the high concentration 
of perchloric acid and so the acid level was kept to a low 
value sufficient to prevent hydrolysis, but the problem was 
still not solved. Other acids were tried in order to remove 
the possibility of reaction between perchloric acid and the 
teflon liner as reported by Simpson^however the absorbance
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TABLE 4.14
+ SO 2 - <- FeSO
Temperature
(K)
Ionie Strength 
(mol dm"3)
Method K Reference
»
291 0 Kinetic 1.5 X lo"^ 151
298 1.2 NaClO^ Spectrophotometric 165 ± 10 139
298 0 Potentiometric 5.495 X 10^ 30
303 0 II 5.89 X 10^ 30
k 323 0 II 1.51 X 10^ 30
343 0 II 3.55 X 10^ 30
h 288 0.5 NaClO^ Spectrophotometric 149 ± 10 147298 0.5 NaClO^ II 205 ± 18 147
308 0.5 NaClO^ IV 280 ± 22 147
f 303 0.5 Potentiometric 568 30
323 0.492 il 1.42 X 10^ 30
343 0.483 II 3.23 X 10^ 30♦ 301 1.0 HCIO^ Ion exchange 95 ± 4 134
300 1.06 NaClO^ Spectrophotometric 101 - 121 134
k 301 0 - 6.8 X 10^ 134
288 0.51-0.65 Spectrophotometric 24.55 this work
298 0.51-0.65 11 26.30 this work* 308 0.51-0.65 11 25.70 this.work
348 0.51-0.65 II 38.02 this work
373 0.483 Potentiometric 9.04 X 10^ 30
398 0.482 II 2.37 X 10^ 30
1
423 0.481 IV 2.48 X 10^ 30
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was still found to increase with time. Buisson, Dudeney and 
Irvingisz have investigated the reduction of copper(II) to 
copper(I) and found that at temperatures greater than 373K 
this reduction is less as the amount of dissolved oxygen 
is increased in the presence of 2,2'-bipyridyl but cannot be 
prevented. It is postulated that reduction is causing 
difficulties in the CuCl^ system but in view of the deoxygenation 
problems discussed in chapter 3 it could not be checked with 
existing apparatus. However it would be a very worthwhile 
extension of this work.
The iron(III) experiments could not be carried out at
temperatures greater than 348K because of instrumental
problems with the high temperature apparatus and this leaves
useful further work to be done. This was unfortunate since
Matheson^ss concluded that while the ionic strength principle
of McConnell and Davidson^^ was unlikely to cause great error
+3in the determination of a large formation constant (2.10 ) , it
may lead to a grossly erroneous result in the case of a small 
formation constant (^1). The work reported here falls between 
the two cases, however it had been hoped that at higher 
temperatures the situation would be improved, and if work could 
be carried out at temperatures of 423K or higher, the standard 
deviations in K may be reduced at a significantly greater value 
of K, It can be seen in table 4.9 that when the value of K 
is greater, a much better least-squares fit of the data is 
obtained and the value of K obtained from a weighted least- 
squares plot is virtually the same, within experimental error.
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as that obtained from the non-weighted least-squares plot
The thermodynamic functions AH, AS and ACp were not 
calculated from the values of K obtained because of the 
errors involved, and the scaled up errors in AH, AS and 
ACp would have made their values meaningless.
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CHAPTER 5
THE lODINE-IODTDE-TRIIODIDE EQUILIBRIUM
— 188 —
5,1■ INTRODUCTION
Part of the work described here was a preliminary study 
carried out at C.E.R.L., Leatherhead and its main aims were to 
develop a new method of studying high temperature equilibria 
and to apply it to the association reaction of iodine with 
iodide ion. The distribution of iodine species between water 
and steam or between water and air has received considerable 
attention because of its general relevance to the containment 
systems used in nuclear reactors to minimise the release of
radioactivity into the e n v i r o n m e n t ^ ^ , ! 54-160^ The boiling
water reactor is the most hazardous in this respect since the 
primary cooling water which comes into contact with the nuclear 
fuel cans is used to generate steam which then passes into 
the turbine chamber. If there are pin holes in the fuel cans 
radioactive leakage occurs into the primary cooling water. 
Radioactive species may then come into contact with the 
turbines creating a great contamination risk to the turbine hall 
personnel.
There are little data on the detailed chemistry of 
iodine partition at boiler water temperatures. Iodine is of 
particular interest because the l^^I radioactive isotope is a 
fission product of uranium and approximately 10® curies are 
found in every tonne of spent reactor fuel when first removed 
from the reactor; it has a half-life of 8.07 days. The 
literature^®^Ï^^ contains badly interpreted data which has 
been re-analysed^®® to better effect. Turner^®®, suggests 
that the vapour phase iodine concentration could be reduced by
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a factor of 10^ by ammonia dosing. The influence of pH would 
be small but the strongly reducing environment would reduce 
the hypoiodous acid, HIO, to iodide which should lead to a 
fall in the amount of iodine released to the vapour phase.
The method developed to study the formation of triiodide 
ion from the reaction of iodine with iodide ion at high 
temperatures was based on the volatility of iodine and only 
required room temperature spectrophotometric measurements to 
be made. This method is similar to that of Menzies^®^ for 
determining molecular weight by measuring the lowering of 
vapour pressure when a non-volatile solute is added to a 
volatile solvent. The equilibrium vapour pressures above 
two solutions which are in an enclosed system and in vapour 
contact only must be equal. Therefore if initially one 
solution contains iodine in a non-volatile solvent and the 
other only contains the solvent,equilibration of iodine will 
occur between the solutions and the same concentration will be 
present in each. This can be extended to the iodine-iodide- 
triiodide system since the ionic species are considered non­
volatile and only the non-ionic species, i.e., iodine, will 
equilibrate between the solutions. If the system is set up 
with one solution containing iodine, iodide and solvent and 
the other only solvent then, after equilibration, the former 
would contain iodine, iodide and triiodide in equilibrium in 
the solvent, and the latter would contain iodine and the 
solvent only, Spectrophotometric analysis of the second 
solution would give the concentration of iodine present in it, 
and therefore the concentration of iodine in the first solution.
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Full details of the analysis and calculation leading to the 
equilibrium constant are given in section 5,2.2, In order to 
use this method at other than room temperature it was 
necessary to isolate the two solutions after equilibration 
before they were cooled for analysis. Theoretically there is 
no limit to the temperature at which this method can be applied 
but practical considerations demonstrated otherwise. It was 
assumed that there was no difference in the activity coefficients 
of iodine in the two solutions; this was appropriate if the 
concentrations of the reactants were kept very low. In this 
case the solvent used was a dilute hydrochloric acid solution 
and it was in great concentration excess over the reactants.
A direct spectrophotometric determination of this system 
is also described in this chapter based on the method discussed 
in chapter 4. The aim was to compare the two methods at high 
temperature and therefore only two temperatures below 373K 
were studied to ensure that the method provided comparable 
results with literature values and the vapour equilibration 
method. This was done at the Cecil Davies Laboratory, University 
of Surrey.
5.2 THEORY
5.2.1 REACTIONS OF IODINE
The following reactions summarise the important aqueous 
reactions of iodine;
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%2 (vap) 4- (aq) ^1 (5.1)
4- HIO + H'*' + 1“ (5.2)
3HI0 21“ + lOg" + 3H"^ ^3 (5.3)
3I2 + 3H2O •4- 5l“ + lOg" + 6h‘‘ %4 (5.4)
Ij + l" -f-é- K (5.5)
This work was aimed at finding K, the equilibrium constant for 
reaction (5.5). The vapour equilibration method was based 
on the fact that reaction (5.1) occurs and it is this method 
which is discussed in this section.
Hayakawa and Nakamura^®® state that at pH<7 reaction (5.2) 
can be neglected^®®>^®^ and if excess iodide is present then 
reaction (5.4) will strongly favour molecular iodine^®®.
Reaction (5.3) cannot occur to any extent if the formation of 
hypoiodous acid is suppressed. Reactions (5.2), (5.3) and
(5.4) are inter-related since K^= The reactions which
are of major interest with regard to the nuclear reactor 
problem are (5.2) and (5.4), but since they are not isolated 
reactions it was necessary to study others first. The simplest 
reaction to study and the most easily isolated was (5.5), and 
reaction (5.2) cannot be established until more is known about 
the iodine/iodide reaction.
Hypoiodous acid is found, at 563K, to be the major
constituent from these reactions present in water at pH near 6,
and,as far as can be determined, the aqueous phase concentration 
-9of iodide is 10 molal. There have been a number of 
determinations of 1 6 7- 1 6 9 none above 313K and of
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Kg and to 333K, Results for to 560K, obtained
by Turner from theoretical prediction analysis, were fitted 
to two commonly used equations
l°9l0^4 " A/T - B + CT (5.6)
In = AS§ {298.15 - T + ^ (1-exp(exp(b+aT)-C+(T-298.15)/g) }
- AH°(298) + AS°(298) + (in (T/298 .15)-1-298 .15/T)
RT R
+ g(T-298.15)  ^ (5,7)
2RT
and the results are shown in figure 5.1. It is clear from 
the graphs that the prediction of high temperature values for 
^^^10^4 the available data is not very reliable since at
500K the values differ by several order of magnitude. The
need for more data is thus illustrated.
The formation of triiodide is an isoelectric reaction 
therefore a linear van't Hoff plot was expected, as discussed 
in sections 3.1 and 3,2.5,as were temperature - invariant values 
of AH and AS, with ACp assumed to be zero. In order to study 
reaction (5,5) it was necessary to work at low pH values and 
high iodide concentrations so as to favour the left hand sides 
of reactions (5.2) and(5.4). After equilibration the pH of the 
solutions was adjusted to pH4 in order to prevent any further 
reaction and for anlaysis a large excess of potassium iodide
was added to give complete conversion of iodine present to
triiodide. Solutions of potassium iodide did not keep and 
so the solid was added.
FIGURE 5.1
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TEMPERATURE DEPENDENCE OF K4-
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5.2.2 CALCULATION OF THE EQUILIBRIUM CONSTANT
5.2.2.1 VAPOUR EQUILIBRATION METHOD
The calculation of log^^K from the experiments carried 
out at C.E.R.L. using the vapour equilibration cell is 
discussed first.
The equilibrated solutions from flasks A and B were 
treated as described in section 5.3.4 in order to convert all 
the iodine in them to triiodide which was then spectrophotometrically 
measured. In flask B all the triiodide must derive from iodine 
which had equilibrated, via the vapour phase, between the two 
flasks. The measured triiodide concentration in solution B 
is given by;
(I- = k ^ ) where
E1& egA
Ag2 is the absorbance of the solution from flask B at 288nm. 
and Ag2 is that at 353nm. and 62 are the molar extinction
coefficients at 288nm and 353nm respectively.
The measured triiodide concentration in solution A is given
b y :  _  A  A ^ T  , A ^ .do = h (_^ ) whereei£ E2&
A^2 is the absorbance of the solution from flask A at 2 88nm 
and A^2 is that at 353nm.
It is known that " (I^)^^ e = equilibrium
and (13- ) ^  = (I3- ) /  + {I2) /
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It is assumed that
(^ 3 ) e “ (^ 3 ) M " (^ 3 
The concentration of iodide in flask A was initially in large 
excess over the concentration of iodine, and therefore the 
following approximation was used:
(l")g^ = i = initial
This assumption was later verified by use of the computer 
program COGR, for reaction (5.5)
K = (I3- ) /
therefore K = (13")% "
(I-)f . (13")
All these values are known or can be readily determined.
Absorbance measurements were made at 288nm and 35 3nm 
because there is literature datai74-i76 the molar extinction 
coefficients at these maxima in the triiodide absorption 
spectrum and it was therefore possible to check that the 
values of e calculated, and then used here, were in agreement 
with the literature. The average value of the triiodide 
concentration found at each wavelength was used in order to 
minimise errors.
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5.2.2.2 DIRECT SPECTRQPHOTOMETRIC METHOD
The calculation of log^^K from the experiments carried 
out at the Cecil Davies laboratory was based on the method 
of McConnell and Davidson®^ which is outlined in section 4,2 
and the relevant expressions are given in section 5.3.1.
5.3 EXPERIMENTAL
5.3.1 ABSORBANCE MEASUREMENTS
The absorbance measurements made on the solutions 
from the vapour equilibration cell used a standard Pye Unicam 
SP1800 spectrophotometer fitted with a digital voltmeter for 
more accurate absorbance readings. Silica cells were used 
of standard size; the path length depended on the concentration 
of triiodide ion measured but most commonly was 1cm or 0.5cm.
The direct spectrophotometric determination was' carried 
out using the modified SP1800 spectrophotometer described in 
section 2.1 for experiments above 353K, and a standard Pye 
Unicam SP8-J.00 spectrophotometer with 1cm silica cells, below 
353K. The measured absorbance values corresponded to the term
(A-Ag) in equation (4.5) and the values of K and e at any
-1 -  -1wavelength were found by plotting (A-A^) against (I ) . The
intercept therefore gives l/Xlgi.e and the gradient l/(l2).K.e 
which leads to
e = -----i--------  and
Intercept.(I2)
_ Intercept ,Gradient
The glassware used was as described in section 2.5,
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5,3,2 LOW TEMPERATURE VAPOUR EQUILIBRATION CELL
The design of the vapour equilibration cell which was 
used at temperatures to 373K is shown in figure 5.2. It was 
made of 'Pyrex' glass with the exception of the tap which 
was made of teflon. Flasks A and B could each hold an 
approximate maximum volume of lOOcm^. The stoppers had teflon 
sleeves to aid their removal after heating. Each was held in 
place by two metal springs. At 373K it was necessary to allow 
a small amount of gas to escape with the stoppers loose, before 
they were anchored down. The cell was submerged in a 
thermostatically controlled bath, which contained polyethylene 
glycol 200(B.D.H), to the level marked XY in figure 5.2. The 
tap was fully open. It was very important that the arm 
connecting the flasks was totally submerged so as to prevent any 
condensation occurring there. A large weight was tied to the 
solid bridge connecting the flasks in order to keep the cell 
vertical in the oil bath. The cell was purged with oxygen-free 
nitrogen before and after it was filled with the test solutions. 
The length of time that the cell was left in the oil bath for 
equilibration of its contents to occur was dependent upon the 
experimental temperature and was longer for lower temperatures. 
Initially several determinations of log^^K were made at 33 3K 
by heating the cell for different lengths of time. In this 
way it was possible to determine the length of time required 
to reach equilibrium, i.e. when the calculated value of 
logioK became independent of time. Knowing the equilibrium 
time at this temperature it was possible to estimate approximate
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FIGURE 5.2
TEFLON TAP
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CELL USED AT TEMPERATURES UP TO 100 C
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times for the other temperatures at which similar determinations 
were carried out to ensure that equilibrium was always reached.
The bath temperature was measured with a thermometer graduated 
to ±0.2K. After equilibration, the tap was closed to isolate 
the two flasks before the cell was removed from the oil bath 
and quickly cooled to room temperature.
5.3.3 HIGH TEMPERATURE VAPOUR EQUILIBRATION CELL
In order to carry out vapour equilibration at temperatures 
greater than 373K it was necessary to use an autoclave and the 
cell was much smaller than the one previously described and a 
remote mechanism for closing the passage between the two flasks 
had to be designed, see figure 5.3. The volumetric size of 
each flask was approximately 20cm^ and they were made of pure 
silica. When 'Pyrex* glass was used in earlier models of the 
cell silica was leached from it at high temperatures (=423K) which 
then deposited on all the upper surfaces of the cell. However 
the upper parts of the cell were made of 'Pyrex' glass 
because of the glass-blowing difficulties experienced with silica.
The lid of the cell was kept in place by five bolts which 
held together the metal washers on the lid and the main body 
of the cell; the sealing between the two was aided by both 
surfaces being of ground glass. The stopper was held in place 
by thin platinum wire which was attached to two electrodes 
sealed,through the lid, against a stainless steel spring. The 
cell was purged with oxygen-free nitrogen before and after filling 
with the test solutions. The filled cell was heated in an
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FIGURE 5.3 CELL USED FOR TEMPERATURES >373K
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autoclave which contained water (=50cm^) to ensure that the 
pressures inside and outside the cell were equal. The cell 
was isolated from the autoclave except for two contacts which 
were applied to the electrodes in the lid and which passed 
through the lid of the autoclave. The temperature inside the 
autoclave was controlled by a platinum - 13% rhodium thermocouple 
which had contact with the airspace inside the autoclave and was 
protected by two trip thermocouples attached to the outside 
of the autoclave; all three were connected to the controls 
of the oven in which the autoclave was heated. The temperature 
inside the autoclave was monitored on a digital thermometer.
No external pressure was applied to the autoclave.
When the cell had been heated long enough for its 
contents to have equilibrated the stopper was dropped before the 
oven was turned off. This was done by passing, for a few seconds, 
an electric current through the two contacts and the platinum 
wire until the latter softened sufficiently for the strength 
of the spring to break it. The stopper was therefore released 
and fell into the neck of the arm connecting the two flasks 
thereby preventing any further exchange between them. An 
ammeter was in the circuit to show when the current flow ceased 
at which point the wire was broken.
5.3.4 PREPARATION OF TEST SOLUTIONS FOR THE VAPOUR EQUILIBRATION 
CELLS
The chemicals used are listed in table 2.2. All the 
solutions were prepared with double-distilled water through
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which oxygen-free nitrogen had been bubbled for several hours; 
they were kept under nitrogen. In both high and low temperature 
cells, flask B contained hydrochloric acid (0.102 mol dm~^) 
only and the ionic strength and volume of the solutions in both 
flasks were the same. Thehydriodic acid, although of 'ultrapure* 
standard, contained some iodine derived from oxidation of the 
acid. A solution of hydriodic acid (0.323 mol dm~^) was 
prepared and standardised by pH titration against a standardised 
sodium hydroxide solution. It was found by experiment that 
the concentration of iodine in the acid was such that no
further iodine need be added. Flask A contained hydriodic
— 3 —3acid (either = 0.02 mol dm or - 0.01 mol dm ) and sufficient
hydrochloric acid and double-distilled water v/as added to 
give the final required molarity (0.102 mol dm~^) and volume.
The different concentrations of hydriodic acid were required 
at different temperatures.
After the test solutions had been equilibrated and
cooled it was necessary to halt any further reaction within each
one. Solutions from both flasks and cells were treated in the
same manner. A known volume (20cm^ at low temperature and
5cm? at high temperature) of solution was transferred from the
3 3flask, by pipette to volumetric flasks (50cm , 25cm respectively) 
which contained sufficient sodium acetate to adjust the pH of the 
solution to 4. Solid potassium iodide was then added such that 
the final solution contained 0,2 mol dm  ^ iodide ions. The 
solution was then made up to the mark.
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5.3.5 ROOM TEMPERATURE BEER'S LAW PLOT FOR VAPOUR 
EQUILIBRATION METHOD
Hayakawa and Nakamura^state that the absorbance at 
355nm in ethanolic solution of iodine, which is near the 
maximum of one triiodide absorption peak, is not proportional 
to the concentration of iodine present but this can be 
attributed^^^^^® to the small amount of triiodide formed by 
the reaction of iodine with alcohol. It was therefore necessary 
to ensure that Beer's law,A = ec£, was obeyed by iodine and 
triiodide of the concentrations being considered in the vapour 
equilibration work. Here, A is the absorbance of a species 
at a given wavelength, e is the molar extinction coefficient 
of that species at that wavelength, c is the concentration
-3(mol dm ) of the species, and i is the cell path length (cm) ,
Table 5.1 gives the concentrations of iodine in the six 
solutions used to construct the Beer's law plot and the 
absorbances obtained from them at 35 3nm and 288nm, the triiodide 
absorbance maxima at which all absorbance measurements were 
made. The solutions were prepared by dissolving a known weight 
of iodine in a solution containing the same concentrations of 
potassium iodide, sodium acetate and hydrochloric acid as 
the analysed test solutions. The absorbance measurements were 
made, at room temperature, on the standard SP1800. The 
absorbance of molecular iodine under these conditions was 
negligible^ 7 5 , 1 76 ,
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TABLE 5.1
DATA FOR BEER'S LAW PLOT, FIGURE 5.4
)« Concentration of iodine (mol dm-3) absorbance at 353 nm absorbance at 288 nm
5.5160 X 10-G 0.165 0.287
1.1430 X 10-5 0.284 0.453
1.6745 X i o “ ^ 0.452 0.710
2.3443 X 10-5 0.607 0.927
3.6445 X 10-5 0.942 1.423
* 4.7674 X 10-5 1.216 1.828
The plots obtained from this data are given in figure 5.4 
and show obeyance of Beer's Law. The calculation of the 
extinction coefficients is given in section 5,4.1.
5.3.6 EXPERIMENTAL CONDITIONS
The concentrations of the reactants used in the vapour 
equilibrium experiments are given in section 5.3.4, the 
wavelengths at which absorbance measurements were made were 
288nm and 353nm, and the experiments were carried out over 
the temperature range 313K and 44 3K at an ionic strength of
0.1 mol dm ^. The reference cell contained double-distilled 
water and the reference wavelength used was 420nm.
The preparation of the solutions used in the work carried 
out by direct spectrophotometric method (5.3.1) is given in 
section 2.4.5. The concentrations of the reactants are given 
in table 5.2.
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FIGURE 5.4
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TABLE 5.2
CONCENTRATIONS OF REACTANTS FOR DIRECT SPECTROPHOTOMETRIC
METHOD
1
Temperature(K)
concentration of iodine (mol d m “ 3) concentration range iodide (mol dm“3)
298 2.504 X 10"5 2.000 X 10”  ^to 1.000 X 10”^
348 2.504 X 10”^ 2.000 X 10“  ^to 1.000 X 10~3
378 2.498 X 10"4 1.007 X 10“  ^to 1.000 X 10"^
-3 -3393 2.498 X 10 7.636 x 10 to 1.000 X 10
408 2.495 X ICT^ 7.546 X 10"^ to 1.000 X lo”^
Twelve solutions were prepared within the iodide concentration 
range for each temperature and the reference solution was 
de-ionised water. Each solution contained hydrochloric acid
-3(0.1 mol dm ) as those used in the equilibration work had done. 
Absorbance measurements were made at 2 88nm and 353nm using
550nm as the reference wavelength. The ionic strength varied
— 3 —3in the solutions from 0.3 mol dm to 0.1 mol dm . Using
literature values for the equilibrium constant and extinction
coefficients of I2 it was shown that the absorbance of 
molecular iodine at these wavelengths was negligible^^^^^^.
5,4 RESULTS
5.4.1 BEER'S LAW PLOTS
5.4.1.1 VAPOUR EQUILIBRATION EXPERIMENTS
Section 5.3.5 describes how the Beer's Law plots in 
figure 5.4 were obtained. The two plots were fitted to the
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general equation:
y = mx + c
using a least-squares computer program. Comparing the general 
equation to A = eel, y corresponds to the absorbance. A, 
and X  to the concentration of iodine, c,when the path length 
is 1.0cm. The gradient, m, corresponds to the molar extinction 
coefficient, e, of the triiodide ion concentration formed from 
the iodine added. All the iodine was taken to form triiodide.
The calculated values were:
e(35 3nm) = 25,200 ± 380 mol  ^dm^ cm  ^and
e(288nm) = 37,000 ± 620 mol  ^dm^ cm ^.
5.4.1.2 DIRECT SPECTROPHOTOMETRIC METHOD
Beer's Law plots were also made in connection with the |I
experiments done in the Cecil Davies laboratory. Since the j
work was finished at C.E.R.L. before this was begun it was |
possible, using the van't Hoff plot, to predict the log.^K j
Ivalues at the temperatures now used. Knowing log^^K, the i
total iodide and total iodine concentrations, the program
COGR (section 1.3) could be used to calculate the expected i
!
species distribution and ..therefore the triiodide concentration i
I
at equilibrium in any solution. As the absorbance was measured !
at the triiodide peaks, plots of calculated triiodide 
concentration against measured absorbance were drawn and 
typical examples of the results are shown in figures 5.5 and 5.6.
It is clear from these that Beer's Law was not obeyed over the 
full concentration range and because of this the absorbance
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FIGURE 5.6
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readings which were used to calculate log^^K were taken only 
from the limited concentration range over which it was obeyed 
This was approximately 2.6 x 10 to 1.0 x 10 mol dm 
triiodide ion.
5.4.2 EQUILIBRIUM CONSTANT
The results reported in table 5.3 obtained by vapour 
equilibration at C.E.R.L.* are average results from at least 
two, and usually three,.or more,determinations, and those from 
the direct spectrophotometric method at the Cecil Davies
laboratory are from a single determination. 
TABLE 5.3
EQUILIBRIUM CONSTANT AT VARIOUS TEMPERATURES
Temperature (K) logioK No. of determinations
298 2.86 ± 0.00 ^ 1313 2.74 * 2333 2.53 * 3348 2.40 ± 0.00 / 1353 2.44 * 5
367 2.25 * 3373 2.18 * 3378 2.2 4 ± 0.00 / 1401 2.09 * 2408 2.04 ± 0.00 / 1423 1.97 * 2443 1.85 * 1
The van't Hoff plot (log^gK against (K~^))is shown in
figure 5.7.
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5.4.3 DERIVED THERMODYNAMIC FUNCTIONS
Vapour Equilibration method*, I = 0.1 mol dm-3
AH = -17.8±0.09 kJ mol 
AS
-1
313 -4.5 ± 0.^2 JK"^ mol“^
A Temperature (K) -AG (kJmol” )^
« 313 16.4
333 16.1
353 16.5
367 15.8
373 15.6
* 401 16.1
423 16.0
443 15.7
These, and the following results, were obtained using 
a non-weighted least-squareStreatment : the use of a weighted 
treatment is discussed in section 5.5. The determination of the 
thermodynamic functions from log^^K is discussed in section 
3.2.5/and equation (3.3) was used.
Direct Spectrophotometric method
AH
AS298
= -17.1 ±0.6 kJmol 
= -8 ± 1 J K~^mol“^
-1
V Temperature (K) -AG (kJmol~^)
* 298 16,3 ± 0.2348 16.0 ± 0.2378 16,2 ± 0.2
Y 408 15.9 ± 0.2
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If both sets of results are taken together to calculate the 
thermodynamic functions the values obtained are;
-1AH
AS 298
= -18.1 ± 1.1 kJmol 
= -6 ± 1 J K ”^mol”^
5.5 DISCUSSION
A comparison of this work with that reported in the 
literature is given in tables 5.4 and 5,5,
TABLE 5.4
VALUE’S' OF EXTINCTION COEFFICIENTS FOR THE TRI IODIDE ION
* Wavelength (nm) e(dm^mol ^cm )^ Reference
353 22,100 176¥ 353 2 6,100 174
355 25,000 ± 2,000 165
. 353 26,400 175
287.5 40,000 175
353 21,000 179* 353 25,200 ± 400 This work
288 - 37,000 ± 600 This work
Within experimental error these values show excellent 
agreement, and whichever value was used in the calculation of 
log^gK, it made no significant difference to the result.
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TABLE 5.5
VALUES OF THE EQUILIBRIUM CONSTANT FOR
I + I2 ^ I3
Temperature(K) Ionic Strength (mol dm“3) log^O^ Reference
■V 297 not given 2.89 176
298 uncontrolled 2.86 ± 0.00 165
298 not given 2.90 32
298 0.5 3.15 ± 0.16 175
298 2.0 2.87 ± 0.70 180
298 not given 2.86 181
298 0.100 2.89 182
311 uncontrolled 2.74 ± 0.02 165
312.2 0.5 3.32 ± 0.17 175
313 not given 2.74 32
» 333 not given 2.57 32
353 not given 2.47 32
298 0.1 - 0.3 2.86± 0.00 This work♦ 313 0.1 2,74 This work
333 0.1 2.53 This work
* 353 0.1 2,44 This work
If the results from the vapour equilibration studies only 
were used to construct a van't Hoff plot which was extrapolated 
to 298K, the value of log^^K was found to be 2.87, which is in 
excellent agreement with the literature, with exception possibly 
of the results of Awtrey and Connick^^s (1951). a review 
appeared in 1965 by Ramette and Sandford^GZ and they preferred 
the work of Daniele^^^. The agreement at higher temperatures 
between this work and that of Eguchi, Adachi and Yoneda^^ was
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outstanding, particularly considering that they used a 
well-established procedure for measuring partition coefficients, 
and the results from this work were obtained using a new method. 
Many different methods were used to determine the results
given; s p e c t r o p h o t o m e t r y ^ 65,174-176,181^ s o l u b i l i t y ^ 6 2 ^
conductivity 1 8 3 ^  p o t e n t i o m e t r y ^ 6 6  and distribution methods^^^.
Table 5.6 shows a comparison of the thermodynamic functions 
from this work with those in the literature and the agreement 
is acceptable within experimental error for AH in particular.
TABLE 5.6
ENTHALPY AND ENTROPY FOR THE FORMATION OF TRIIODIDE ION
Ionic Strength 
(mol dm
-AH
(kJmol
AS
(J.K^ mol"^) Reference
0.5 21.3 ± 1.7 175* not given 18.0 - 184
0.1 15.4 36 165
0.1 17,8 ± 0.9 -4.5 ± 0.2 This work
The errors quoted for the work carried out at the Cecil 
Davies laboratory are based on the standard deviations of the 
intercept and gradient from those given by the best-fit line 
obtained using the least-squares computer program and as such 
are underestimations since no allowance has been made for 
experimental procedure; to be more significant they should be
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doubled. A discussion of the use of this direct spectrophotometric 
method using McConnell and Davidson's^i analysis procedure 
is given in section 4.5. The thermodynamic functions AH and 
AS for the vapour equilibration determinations were also 
calculated using a least-squares method and the errors are also 
based on standard deviations only. The log^^K and AG error 
margins for the vapour equilibration experiments have not been 
precisely determined since they are dependent on errors in 
weighings, volumetric preparations, temperature measurement 
and control, and,most markedly, on the errors in the triiodide 
extinction coefficients and the absorbance readings. The 
error might be of the order of ±5%.
A weighted least-squares treatment of the least-squares 
determined results from the direct spectrophotometric method 
gave the results tabulated in table 5.7. In this case the 
error in the standard deviation in K and gradient and frequently 
in the intercept have been made worse by the application of the 
weighted least-squares treatment. A limited concentration 
range was eventually used in the determination of K(section 5.4.1) 
which in the unweighted treatment may well have caused an 
over optimistic estimation of the standard deviation in the 
gradient particularly if the points in the (A-A^) against 
reciprocal concentration plot fell on a reasonably good 
straight line. The weighted treatment is likely to give a worse 
standard deviation in gradient. This is particularly well 
illustrated in the standard deviations given to K in the
unweighted treatment which are very small. The result at '39 3K,
for example, unweighted - log^QK=1.93 ± 0.02, % error in I = 125,
% error in G = 23. 7 , weighted-log^^K = 1. 54 + 5 . 3^% error in I = 343,
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% error in G = 24.6, with its unweighted deviation of 0.02 does 
not fit the van't Hoff plot at all well and would appear to be too 
low by about 0.2 log units. The weighted deviation, 5.3,on the 
other hand probably gives a better impression of the scattered 
nature of the determination.
TABLE 5.7
COMPARISON OF WEIGHTED & UNWEIGHTED RESULTS
Temperature logioK Std. dev. % error in I % error in Gu W U w U W U W
298 2.86 2.84 0.00 0.18 3.6 4.2 4.0 5.0
348 2.40 2.36 0.00 0.49 17.5 17.5 6.3 7.6
378 2.24 2.11 0.00 1.45 42.5 66.5 10.7 17.1
408 2.04 2.39 0.00 0.54 38.0 15.7 6.7 15.7
U = unweighted least-squares treatment 
W = weighted least-squares treatment
The results obtained from the vapour equilibration method 
show that it worked well and the assumptions made were probably 
valid. It was most suitable at higher temperature since the 
equilibration time at 313K was 7 days. Temperatures lower than 
this were not tried since it was not considered useful to 
spend weeks of a limited period on determinations at temperatures 
where other methods are appropriate since the main aim was to 
investigate the method at higher temperatures. There were no
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experimental problems with the design of the low temperature 
cell. The highest temperature that gave successful results 
was 44 3k . Experiments were performed at 473K but problems 
were found with corrosion of the stainless steel spring in 
the high temperature cell by the iodine which affected the 
results. In order to work at temperatures of 473K and above 
the spring would have to be coated with teflon, or a new cell 
designed with a different mechanism for separating the 
equilibrated solutions. The latter is currently being investigated 
at C.E.R.L. A further problem was the filling and emptying of 
flask A because of the U-bend from the stopper-well to the 
flask; this needs to be overcome for the method to give the 
most accurate results. The concentration of iodide used at 
the lower temperatures was necessarily lower that that used at 
high temperatures because the concentration of triiodide 
formed was greater and led to higher absorbance readings on 
analysis. It is preferable not to use absorbance readings 
greater than 1.5, and the shortest path length preferred was
0.5cm.
It was only possible to take the spectrophotometric method 
to 408K because at higher temperatures the absorbance at 
288nm and 353nm was found to increase with time, showing that 
a secondary reaction was occurring. The problem was attributed 
to the presence of oxygen both dissolved in the test solution 
and in the air-bubble. The methods of deoxygenation of the 
solutions have been described in section 2.8. The first in 
which nitrogen was bubbled through a test solution, succeeded
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in removing the iodine from the solution by sweeping it out 
because although a good warm-up trace was obtained, the 
spectrum showed none of the typical absorbance peaks. The 
freeze-thaw technique was unsuccessful as the absorbance of 
a test solution which had been thus treated still increased 
rapidly with time. Finally a potassium iodide/hydrochloric acid 
solution was degassed before the iodine was dissolved in it.
The deoxygenation of the solution was performed as described 
in section 2.8 and the solution was then placed on the 
glove-bag as in previous attempts. The iodine, which had 
been accurately weighed on a microanalytical balance, was 
in the glove-bag along with the high temperature cell and a 
1cm silica cell. Once the glove-bag had been deoxygenated 
the iodine was introduced into the deoxygenated solution and 
shaken until dissolved. The cells were then filled with the 
solution and sealed before they were removed from the glove-bag 
for analysis. At 298K the triiodide peak was smaller than 
expected from COGR calculations of the triiodide concentration 
expected, knowing the equilibrium constant and the extinction 
coefficient. The peak at 288nm had become a minor shoulder.
At 378K the expected peaks had virtually disappeared.
These problems again highlight the need for high-grade 
deoxygenation equipment, especially a good glove-box in which 
dilutions, weighings and solution preparation could be carried 
out. Similar problems were not experienced in the vapour 
equilibration experiments since the measurements were made when 
the system was at equilibrium and the calculation did not 
rely upon the initial concentration of iodine.
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This work has opened many new avenues for experimentation 
which there was not time to pursue. In particular the 
reaction:-
31^ + 3H2O t lOg" + 5l“ + 6H’^
can now be studied, knowing the extent of the reaction between 
iodine and iodide. The equilibrium constant is very 
difficult to predict unlike the predictable isoelectric reactions, 
as twelve charged species are formed from none. Also the basis 
for a new experimental method has been established.
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